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INTRODUCTION 
Van Wazer (1958) stated that the solubility of substances exhibiting 
the hydroxylapatite X-ray diffraction pattern has been the subject of a 
large amount of study because this information is thought to be needed to 
understand the physiology of bone growth and the equilibrium of bones 
with body fluids. He also stated that it is of considerable interest to 
the field of fertilizer technology and to the general problems of the 
interaction of calcium and phosphorus in soils. Sauchelli (1965) stated 
that the apatites are by far the most important phosphorus-bearing 
minerals. According to Sauchelli, originally all the phosphorus in the 
lithosphere must have been present in igneous rocks in the form of 
apatite. He stated that nearly all the phosphorus in sedimentary rocks 
is present in the form of apatites, and this mineral type makes up the 
larger part of the world's sedimentary deposits considered as phosphatic 
reserves. 
Apatite has been identified as a native mineral in the sand and silt 
fraction of a number of soils (Black, 1968). In addition, considerable 
apatite is applied to soils as a source of phosphorus for plants. In 
1961-62 the total tonnage of phosphate rock applied direct to soil as a 
fertilizer was about 10 percent of the total world phosphate consumption 
(Sauchelli, 1965). 
Chaverri (1962) investigated the dissolution of a phosphate rock in 
relation to the solubility product principle with the ultimate goal of 
obtaining a general solubility relationship that could be used in 
evaluating the fertilizer effectiveness of the phosphate rock. Chaverri 
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stated that the solubility of the phosphorus-bearing constituent of the 
phosphate rock examined in his work could be explained on the basis of 
the theory of the"" solubility product of a solid solution of hydroxylapa-
tite and fluorapatite after introducing the postulate that interaction 
of the solution with the solid may change the proportion of the two 
constituents in the solid solution. 
The author developed the theory of solubility of hydroxylapatite 
and fluorapatite beyond the stage to which it was carried by Chaverri 
and, as a result, obtained rzasons for questioning Chaverri's interpre­
tation of the results of his experiments. This theory is given in Part 
II. Furthermore, in reviewing literature, it was found that there was 
much controversy about the solubility of hydroxylapatite. One researcher 
felt that hydroxylapatite possessed a solubility product constant (Clark, 
1955). Others felt that it did not possess a solubility product constant 
(Levinskas and Neuman, 1955), and still others felt that the solubility 
of hydroxylapatite was controlled by a complex that formed on the surface 
of the solid (Rootare et al., 1962; LaMer, 1962). 
After considering the importance of apatites in nature, and after 
considering the indefinite results obtained in previous solubility studies 
on hydroxylapatite and a phosphate rock, it was decided to study further 
the solubility of hydroxylapatite and phosphate rocks in relation to the 
solubility product principle. The over-all aim of the investigation was 
to obtain information that would aid in the understanding of the behavior 
of applied and native apatites in soils. It was felt that information 
might also be obtained that would be of interest to scientists working in 
other fields in which apatites are important. 
3a 
PART I. SOLUBILITY OF HYDROXYLAPATITE 
3b 
REVIEW OF LITERATURE 
Nature of Hydroxylapatite 
According to the International Union of Pure and Applied Chemistry, 
the complete chemical name for the salt Ca^ (P0^ )2(0H) is pentacalcium-
hydroxide-tris-phosphate. The formula for the compound is also commonly 
written as Ca^ (^P0^ )^ (0H)2, and the compound is called hydroxy&patite, 
hydroxylapatite, or hydroxide apatite (Sauchelli, 1965), 
According to Lehr et al. (1967a), hydroxylapatite crystallizes in 
O O 
the hexagonal system and has lattice constants of 9.415 A. and 6.878 A. 
Beevers and Mclntyre (1946) and Young and Elliot (1966) described the 
arrangement of atoms in a unit cell. Lehr et al. (1967a) published data 
on optical properties. X-ray diffraction, infrared absorption, and ocher 
properties of hydroxylapatite and also described a method of preparation 
and discussed the occurrence of this compound. 
Hill et al. (1954) found that the specific surface area of basic 
calcium phosphates depends on the method of preparation and tends to 
decrease with an increase in hydrogen-ion activity and temperature during 
formation. They obtained specific surface areas ranging from 4.5 to 142 
2/ 
m. /g. 
Perloff and Posner (1960) described a method by which hydroxylapatite 
is prepared by adding 0.1 g. of calcium monohydrogen phosphate and 12 ml. 
of water to a platinum-lined hydrothermal bomb and heating at 300° C. for 
several days. According to Perloff and Posner, this procedure produces a 
very well-crystallized compound which has a high degree of purity. They 
4 
stated that all other methods previously reported produce either poorly 
crystallized or somewhat impure products. Brown (1964) stated that pure 
hydroxylapatite is extremely difficult to prepare. The crystals may look 
homogeneous under a microscope but, when they are immersed in a liquid 
with the appropriate index of refraction, one discovers that the index 
of refraction of the center of the hydroxylapatite particles is less than 
that of the outer part. 
Substitution of hydrogen and hydroxyl ions into abnormal positions 
in the hydroxylapatite structure has been suggested to occur. Posner 
et al. (1954), Posner and Perloff (1957), and Posner et al. (1960) have 
argued that a general formula for hydroxylapatite is '-^ (]_o-x)^ 2x^ ^^ 4^ 6^ ^^ 2^ 
where M is sodium or hydrogen and the upper limit of x is probably 2. 
Winand et al. (1961) claimed to have established that the general formula 
of the apatitic calcium phosphate series is Ca^ Q_^ H^^ (PO^ )g(OH) where 
the value of x varies from 0 to 2. McConnell (1965) stated that "tetra-
hedral hydroxyIs (H^ O^ )" substitute for phosphate groups. McConnell also 
claimed that the sites of the apatite structure which normally contain 
the fluoride or hydroxide ions may contain a water molecule as a con­
comitant effect of the substitution of (H^ O^ ) for phosphate. A discussion 
of substitutions in naturally occurring apatites is given in Part II of 
this thesis. 
Substitution of hydrogen and hydroxide ions into abnormal positions 
in the hydroxylapatite structure could affect the solubility of hydroxyla­
patite in aqueous solutions. Such substitutions would cause the activity 
of hydroxylapatite and, consequently, the ion product in solution, to be 
a function of pH. 
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Mattson et al. (1951) investigated the electrophoretic behavior of 
a calcium phosphate compound that had a composition corresponding to the 
formula Caj.(PO.)- oo(OH)i oc- The charge on the material was found to be 
a function of the pH, and the isoelectric point was at pH 7.61. Above 
this pH the material had a negative charge and below this pH it had a 
positive charge. The pH at the isoelectric point was found to change 
with additions of either dibasic sodium phosphate or calcium hydroxide. 
After 2 milliequivalents of calcium hydroxidr. had been added to a quantity 
of the compound the isoelectric point was at a pH of approximately 10, 
and after 3 milliequivalents of dibasic sodium phosphate had been added 
to an equal quantity of the compound the isoelectric point was at a pH 
of approximately 6.5. 
Leach (1960) investigated the electrophoretic behavior of hydroxyla-
patite in solutions buffered with 0.02 M diethylbarbituric acid and 
adjusted to pH 7.40 with potassium hydroxide and to a final ionic strength 
of 0.165 with potassium chloride. In the first experiment the solid to 
solution ratio was varied from 0.05 g./l. tc 40 g./l., and the correspond­
ing zeta potentials ranged from -16.6 to -1.4 millivolts. In the second 
experiment addition of calcium as calcium chloride increased the zeta 
potential in the positive direction, and addition of phosphate as 
potassium dihydrogen and monohydrogen phosphate increased the zeta poten­
tial in the negative direction. In the third experiment, addition of 
citrate markedly increased the zeta potential in the negative direction. 
Solubility of Hydroxylapatite 
Holt et al. (1925) titrated dilute orthophosphoric acid with 
6 
saturated lime water and found that equilibrium was reached in the basic 
region after the preparations had been shaken for 18 days at 38° C. They 
did not calculate ion products for hydroxylapatite but did present data 
from which ion products can be calculated. The calculated values for the 
negative logarithm of the ion activity product have an average of 110.83 
and range from 108.47 to 112.69. Neuman and Neuman (1953) stated that 
at that time one conclusion was inescapable: no solubility product 
constant had ever been demonstrated for bone mineral. An apatite is the 
dominant component of bone mineral. 
Levinskas and Neuman (1955) investigated the solubility of a sample 
of commercial hydroxylapatite in 0.165 N sodium chloride or potassium 
chloride under nitrogen gas (Ng). They conducted experiments on methods 
of separating the solid from the solution, time required to attain equili­
brium, equilibrium from supersaturated and undersaturated conditions, solid 
to solution ratio, common ion effects, and calcium-sodium exchange. From 
their experiments they concluded that hydroxylapatite does not possess a 
solubility product constant. Levinskas and Neuman found that the molar 
ratio of calcium to phosphorus in solutions in equilibrium with hydroxyla-
patite was not independent of the solid to solution ratio and that the 
solubility of hydroxylapatite was greater in 0.165 N sodium chloride than 
in 0.165 N potassium chloride. 
Clark (1955) obtained a reproducible solubility product constant for 
hydroxylapatite by reacting dilute solutions of calcium hydroxide and 
orthophosphoric acid under an N^  atmosphere at 90° C. for 120 hours and 
equilibrating the resulting systems under at 25° C. for 96 hours. The 
solubility product calculated from analysis of the supernatant solution 
7 
was not significantly different from the solubility product calculated 
from analyses on a solution obtained when some of the solid was equi­
librated at 25° C. for 24 hours with pure water under an atmosphere. 
"~3 "6 
Although the calcium concentration varied from 10 to 10 M, the 
—3 "6 phosphate concentration from 10 to 10 M, and the pH from 5 to 9, 
the negative logarithms of the solubility products varied only from 
114.24 to 116.56. Clark concluded that hydroxylapatite possesses a 
definite solubility product constant. 
Clark found that systems reacted below 90° C. were in a state of 
supersaturation relative to those reacted at 90° C. Furthermore, when a 
precipitate formed below 90° C. waa redispersed in water the resulting 
solution reached a dejree of apparent supersaturation equivalent to that 
of the original reaction mixture. 
Lindsay and Moreno (1960) calculated a solubility product constant 
for hydroxylapatite using an entropy value published by Egan et al. (1951) 
and an unpublished value for the heat of formation. The negative logarithm 
of the solubility product constant (pK) that was obtained was 113.7. 
Gottschal (1958), Smirnova et al. (1962), and Jacques (1963) have published 
values for the heat of formation of hydroxylapatite. Their values, with 
the entropy value given by Egan et al., give pK values of 130, 116, and 
129, respectively. 
Leach (1960) stated that a large fraction of hydroxylapatite is com­
posed of surface ions, resulting in a series of chemical compounds of 
variable composition and properties, all of which may be classified as 
hydroxylapatite and all of which have similar X-ray diffraction and 
electron diffraction patterns. However, as the activity of the solid is 
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not a constant, the mineral does not have a constant solubility in aqueous 
solution. 
Rootare et al. (1962) investigated the solubility of a number of 
commercial synthetic samples of hydroxylapatite. They observed that (1) 
the ion product was not constant but depended upon the solid to solution 
ratio, (2) an increase in ionic strength due to addition of sodium 
chloride led to a decrease in the ion product, (3) the ion product 
increased with an increase in tl:e ionic strength of solutions prepared 
from water extracts alone, and (4) the molar ratio of calcium to phosphorus 
in the extracts was not constant. Rootare et al. postulated that the 
solubility behavior of hydroxylapatite could be accounted for by the for­
mation of a surface complex, Ca2(HP0^ )(0H)2, on the solid. The following 
two surface reactions were believed to account for the solubility behavior 
of hydroxylapatite: 
Ca^ Q(P0^ )^ (0H)2 + 6 H20;^  4[Ca2(HP0^ ) (0H)2] + 2 Ca"^  + 2 HPO^ " , (1) 
Ca2(HP0^ )(0H)2?^  2 Ca""^  + HPO^ " + 2 OH" . (2) 
The surface complex was envisioned as being hydrogen-bonded to the apatite 
surface with a structure according to the following scheme: 
HOCaO, .OH 0 OCaOH 
X x HOCaO 0 HO OCaOH . 
Rootare et al. added different amounts of potassium hydroxide to 
hydroxylapatite-water systems and found that the negative logarithm of 
the ion activity product of the surface complex (pK^ ) remained constant. 
They also calculated pK^  values from data taken from several different 
sources and felt that the agreement within sources and between sources was 
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sufficient to support their postulate of a surface complex. Average pK^  
values calculated from results of seven experiments conducted at 24-25° C. 
ranged from 26.41 to 27.99. Another fact that supported the surface com­
plex postulate was that formation of the complex could account for 
calcium to phosphorus ratios other than 1.667 in solutions in equilibrium 
with pure hydroxylapatite. 
Hodge (1951) examined data on hydroxylapatite-water systems from 
several sources and noted a tendency for a linear relationship between 
the logarithm of the calcium concentration and the pH. Rootare et al. 
(1962), noting that the activity of HPO^  did not vary significantly in 
many of the solutions they investigated, stated that Hodge's finding could 
be explained by the equation 
pCa = pH + 1/2 (pK^  - pHPO^ ) - pIC^  , (3) 
where pCa and pHPO^  represent the negative logarithms of the activities of 
the calcium and phosphate ions in solution and is the dissociation con­
stant for water. Equation 3 can be derived from the ion product equation 
for the surface complex. 
LaMer (1962) stated that the failure of Levinskas and Neuman (1955) 
to confirm a solubility product constant for hydroxylapatite can be attri­
buted to three factors. Firstly, they neglected the important influence 
of hydrolysis, which results in the formation of the surface complex. 
Secondly, they made improper calculations of individual ion activity 
coefficients using the Debye-Hiickel equation. Thirdly, their pH measure­
ments were improperly standardized values because of an undetermined 
junction potential between the glass electrode and the reference 
electrode. 
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LaMer calculated concentration ion products for the surface complex 
from solubility data obtained by Levinskas and Neuman on hydroxylapatite 
in 0.165 N sodium chloride. The ionic strength of the solutions at equi­
librium was between 0.166 and 0.170 and as a result LaMer assumed the 
activity coefficients had the same values in all samples. At the pH of 
the solutions in this experiment essentially all the phosphate is present 
as mono- and dihydrogen phosphate ions. LaMer was then able to estimate 
the concentration of the monohydrogen phosphate ions by assuming the 
activity coefficients of the mono- and dihydrogen phosphate ions were 
equal. The negative logarithms of the concentration ion products p[K^ ] 
calculated by LaMer ranged from 26.00 to 27.35 fro the data obtained at 
24° C. He felt the results supported the idea of the surface complex and 
the applicability of the solubility product principle to a hydroxylapatite-
water system provided the formation of a surface complex was taken into 
account. 
LaMer explained that if the solubility equilibrium is dominated by 
surface reaction 1 the equilibrium constant reduces to the square of the 
ion product of dicalcium phosphate. He calculated concentration ion 
products for dicalcium phosphate and found that the values obtained ranged 
from 3.97 to 4.35, with the average being 4.26. LaMer felt the variation 
to be due to experimental error and therefore that the data supported the 
surface complex postulate. 
If the pCa, pHgPO^ , and pOH values for solutions are restricted by 
the solubility product of the surface complex, then a plot of (pH^ PO^  + 
1/2 pCa) versus (pH - 1/2 pCa) for these solutions should give a straight 
line with the slope equal to 3. Deitz et al. (1964) obtained data on 
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hydroxylapatite-water systems at 25° C. and 40° C. and with solid to solu­
tion ratios that varied from 0.1 to 0.001. They plotted the (pHgPO^  + 
1/2 pCa) and (pH - 1/2 pCa) values obtained and failed to get a straight 
line with slope equal to 3 at either temperature. 
Deitz et al. obtained pK^  values, calculated on the basis that the 
postulated surface complex was controlling the solubility, for a number 
of hydro>-.ylapatite-water systems at 40° C. The solid to solution ratio 
varied from 0.1 to 0.001, and in some of the systems sodium chloride was 
added to increase i:he ionic strength. The pK^  values obtained were 
plocted against the square root of the ionic strength (/y). The pK^  values 
decreased to a minimum of 24.9 at /y equal to 0.0025 and then increased as 
/y increased with the addition of sodium chloride. A linear extrapolation 
of pK^  to zero ionic strength gave a value of 28. Deitz et al. (1964) 
suggested that the large variations in the pK^  values could be due to 
inadequacies of the Debye-Huckel equations and the Lewis and Randall 
principle of ionic strength where ions that have high and unequal charge, 
-j—{- — — — 
such as Ca and PO^  , are involved. 
Larsen (1966) suggested that an explanation for the solubility 
behavior of hydroxylapatite might be derived from the colloid-chemical 
properties of hydroxylapatite. As mentioned previously, Mattson et al. 
(1951) demonstrated that hydroxylapatite crystals behave like an amphoteric 
colloid. Larsen stated that negative adsorption of phosphate ions above 
the isoelectric point should result in an apparent supersaturation of the 
bulk solution and positive adsorption below the isoelectric point should 
result in an apparent undersaturation. He stated that only at the iso­
electric point would agreement with solubility product principle be 
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observed. There is a theoretical possibility that the solubility of small 
crystals is affected by an electrical double layer (Adamson, 1960). How­
ever, according to Adamson, the applicability of Knapp's equation, the 
theoretical equation relating the solubility of small crystals to the 
surface tension between the crystals and liquid and to the elcctrical 
double layer on the crystals, may be considered open to question. LaMer 
(1962) stated that the Knapp equation has never been accepted. 
Zimmerman (1966) pointed out that Clark's (1955) work demonstrating 
a solubility product constant for hydroxylapatite has not been confirmed. 
He found calculation errors in the work of LaMer (1962) and showed that 
there is considerable variation in one of the products that LaMer claimed 
to be constant. He concluded that although the surface complex theory may 
be chemically correct, it is not successful in explaining the experimental 
solubility data. 
The presence of carbonate and bicarbonate ions has been reported to 
affect the solubility of hydroxylapatite. Clark (1955) stated that he 
could not obtain a solubility product constant for hydroxylapatite in th3 
presence of atmospheric carbon dioxide. Gron et al. (1963) found that 
hydroxylapatite solubility increased with increasing bicarbonate ion 
concentration at a pH of 7.4. Olsen et al. (1960) reported that the 
solubility of hydroxylapatite was greater in the presence of calcium car­
bonate than in its absence. 
Solubility of Fluorapatite 
Lindsay and Moreno (1960) calculated a solubility product constant 
for fluorapatite from thermodynamic data given by Egan et al. (1951b), 
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Rossini et al. (1952), and unpublished data. The pK value they obtained 
is 118.4. Farr and Elmore (1962) measured a solubility product constant 
for fluorapatite in the presence of calcium fluoride and in solutions with 
pH values between 0.81 and 1.76. The pK value they obtained is 120.86. 
14 
MATERIALS AND METHODS 
Hydroxylapatite 
The calcium phosphate used in this work and which will be referred 
to as hydroxylapatite was prepared in the following manner. Approximately 
100 g. of a material sold by Mallinckrodt Chemical Works as "calcium 
phosphate tribasic" and with an approximate formula of Ca^ (^OH)2(^ 0^ )g 
were added to a 1-1. Erlenmeyer flask, and enough distilled water was 
added to make the total volume approximately 500 ml. A Liebig condenser 
was fitted to the mouth of the flask, and the flask was placed on an elec­
tric hotplate. The contents of the flask were heated to boiling and kept 
at that temperature for at least 24 hours and in most cases for a much 
longer time. The solid material was then separated from the liquid, while 
the system was still hot, using a fritted disc filtering funnel. Then the 
solid was dried at 110° C., crushed to a powder, and stored until needed. 
An X-ray diffraction pattern obtained by Bell* on the Mallinckrodt 
hydroxylapatite exhibited only the peaks of hydroxylapatite as given by 
Lehr et al. (1967). The peaks were sharp and were similar in magnitude to 
those given by Lehr et al. The maximum limits of impurities as arsenic, 
chloride, heavy metals, materials insoluble in hydrochloric acid, iron, 
nitrogen compounds, and sulfate for the Mallinckrodt hydroxylapatite were 
all below 0.05 percent. 
The Mallinckrodt hydroxylapatite was boiled in the hope that any cal­
cium phosphates less basic than hydroxylapatite that were present would be 
*L. C. Bell, Ames, Iowa. X-ray pattern of Mallinckrodt hydroxylapa­
tite. Private communication. 1966. 
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converted to hydroxylapatite. According to Brown et al. (1962), other 
basic calcium phosphates are quickly converted at 85° C. to hydroxylapatite. 
Furthermore, it was felt that boiling should produce a material similar to 
that used by Clark (1955) to obtain a reproducible solubility product con­
stant. As was previously mentioned, Clark obtained the hydroxylapatite 
he used by reacting solutions of calcium hydroxide and orthophosphoric acid 
at 90° C. for 120 hours. 
Methods of Analysis 
Calcium 
Calcium was determined using a titration method in the first and 
last experiments. The titrations were carried out in a titration box 
similar to one described by Diehl (1964). The procedure was also similar 
to one described by Diehl (1964). Twenty-five ml. of sample containing 
approximately 0.004 millimole of calcium were added to a 250-ml. Erlenmeyer 
flask. Ten mg. of ascorbic acid were added, and the sample was diluted to 
approximately 50 ml. and allowed to stand for 2 minutes. The following 
materials were then added: 2 drops of 10 percent potassium cyanide, 10 
drops of ethanolamine, 10 drops of 10 N potassium hydroxide, and 3 drops 
of 0.02 percent calcein. Approximately 0.0015 M EDTA was then added until 
the fluorescence caused by the reaction of calcein with calcium disappeared. 
Moles of calcium in the samples equaled moles of EDTA added. 
Calcium in the remaining experiments was determined using a Perkin-
Elmer Model 303 atomic adsorption spectrophotometer. The method of 
preparing the samples for analysis and the instrument settings used were 
those recommended for calcium by the Perkin-Elmer Staff (1966). 
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Phosphorus 
Phosphorus was determined by the colorimetric method of Dickman and 
Bray (1940) as modified by Legg and Black (1955). 
£H 
Determinations of pH were made with a Beckman pH meter, Model G, 
using a glass electrode and a saturated calomel electrode. 
Fluorine 
Fluorine was separated from interfering ions by steam distillation in 
the presence of perchloric acid at 135° C. (Brewer, 1965). The steam 
distillation apparatus was constructed according to the plans specified by 
Brewer and Liebig (1960). Fluoride in the distillate was determined by the 
method of Megregian (1954) with the exception that an Evelyn photoelectric 
colorimeter with a 515 my filter was used instead of a Beckman Model B 
spectrophotometer with the wavelength setting at 527.5 my. 
Ionic Activities 
Activity coefficients for Ca"*"*", HgPO^  , HPO^  , and PO^  were esti­
mated in all experiments except the first by using the Debye-Huckel equation 
as described by Bates (1964). The constants needed for the Debye-Huckel 
equation were obtained from Kielland (1937). The dissociation constants 
employed for orthophosphoric acid were those used by Lindsay and Moreno 
(1960). 
For most of the samples the ionic strength of the solution was esti­
mated by assuming it was equal to three times the calcium ion concentration 
plus the ionic strength due to the addition of mercuric chloride. This 
assumption is valid if calcium is the only cation present besides the 
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mercuric ion and if all the anions are monovalent. In almost all the 
samples the pH was low enough that essentially all the phosphate ions were 
monovalent. In some samples a significant amount of potassium was added 
as potassium dihydrogen phosphate. The effect of these additions was 
taken into account by assuming the anions associated with potassium were 
monovalent. 
I -j" — 
Ion-pair formation between Ca and two orthophosphate ions, HgPO^  
and HPO^  , was taken into account using constants published by Davies 
and Hoyle (1953)• The ionic activities needed were estimated by first 
assuming that the calcium ion concentration equaled the total calcium 
concentration and that the total phosphorus present equaled the concen­
tration of HgPO^  plus the three orthophosphate anions. The activities of 
the calcium ion and the orthophosphate ions were then estimated with the 
-j-
aid of these assumptions. Then the activities of the ion-pairs, CaHgPO^  
and CaHPO^ , were estimated using the estimates of the ionic activities of 
calcium and the orthophosphate ions and the constants given by Davies and 
Hoyle. The concentrations of the ion-pairs were then estimated by assuming 
the concentration equaled the activity in the case of the CaHPO^  ion-pair 
and by assuming the constants needed to calculate the activity coefficient 
for CaHPO^ "^  by the Debye-Huckel equation were equal to those used for cal­
cium with the exception of course that the charge was taken as 1 instead of 
2. A new approximation of the calcium ion concentration was then obtained 
by subtracting the concentration of the ion-pairs from the total concentra­
tion of calcium. A new approximation of the total phosphorus in solution 
but not associated uith calcium was obtained by subtracting the concentra­
tions of the ion pairs from the total phosphorus concentration. The new 
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approximations for the calcium ion concentration and the phosphorus present 
as HgPO^  plus the orthophosphate ions were then used to repeat the entire 
process to obtain yet newer approximations. The tenth approximations of 
the activities of calcium and the orthophosphate ions were used to calculate 
ion products. 
In the data presented in this thesis, corrections for formation of 
these ion-pairs had only a small effect upon the ion products obtained. 
However, data were obtained on which corrections for these ion-pairs would 
have a large effect upon the ion products. The correction becomes impor­
tant when either the calcium or phosphorus is present in a large amount 
and the other is present in a very small amount. For a solution with a pH 
of approximately 7, a p[Ca] of approximately 2, and a p[P] of approximately 
6.5, the correction has a large effect upon the ion product for hydroxy1-
apatite. One would expect to find similar concentrations of calcium and 
phosphorus and similar pH values in 0.01 M calcium chloride extracts of 
soils. 
A computer was used to calculate the ionic activities of the calcium 
and orthophosphate ions, the lime potential (pH - 1/2 pCa), the phosphate 
potential (pH^ PO^  +1/2 pCa), and the ion products of hydroxylapatite and 
fluorapatite. The computer program was checked by comparing results 
obtained with it with those calculated by hand for one experiment. 
Graphs 
HA 
The negative logarithm of the solubility product constant (pKgp) of 
hydroxylapatite is given by the following equation: 
10 pCa + 2 pOH + 6 pPO^  = pK^ , (4) 
19 
where p represents the negative logarithm and the chemical symbols repre­
sent the activity of the ions in solution at equilibrium with the solid. 
Equation 4 can also be written as 
HA (10 pCa + 2 pOH + 6 pPO.) +0 (pH - 1/2 pCa) = pKg^  . (5) 
Similarly, the negative logarithms of the solubility product constant 
FA (pKgp) of fluorapatite is given by the following equation: 
FA 
10 pCa + 2 pF + 6 pPO = pK^ J . (6) 
Likewise, the negative logarithm of the solubility product constant (pKgp) 
of fluorite is given by the following equation: 
pCa + 2 pF = pKgp . (7) 
Insertion of equation 7 into equation 6 yields the following equation: 
9 pCa + 6 pPO^  = pKgp - pKgp . (8) 
By the use of the equation giving the negative logarithm of the dissocia­
tion constant of water (pK^ ), equation 8 can be written as 
(10 pCa + 2 pOH + 6 pPO.) +2 (pH - 1/2 pCa) = (9) 
PKsp - P4 + 2 PKw . 
The negative logarithm of the solubility product of dicalcium phosphate 
-DC dihydrate (pK^ p is given by the following equation: 
pCa + pHPO^  = pK^ p . (10) 
By using the equation giving the negative logarithm of the third dissocia­
tion constant of orthophosphoric acid (pK^ ) and the relation pH + pOH = 
pK^ , equation 10 can be transformed into 
DC (10 pCa + 2 pOH + 6 pPO^ ) +8 (pH - 1/2 pCa) = 6 pK^ p + 6 pK^  + 
2 pK^ . (11) 
sc 
The negative logarithm of the solubility product constant (pK^ p) of the 
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surface complex proposed by Rootare et al. (1962) would be given by the 
following equation: 
SC 
2 pCa + 2 pOH + pHPO^  = pK . (12) 
By the use of the equations giving pK^  and pK^ , equation 12 can be trans­
formed into 
SC (10 pCa + 2 pOH + 6 pPO^ ) - 4 (pH - 1/2 pCa) = 6 pK^  ^+ 6 pK^  -
10 pK^  . (13) 
Lindsay and Moreno (1960) published values for pK^ , pKgp, pK^ , and 
SC 
pK^ . Rootare et al. (1962) gave an average value of 27.25 for pKgp at 
25° C. When these values are inserted into equations 5, 9, 11, and 13 as 
needed, equations 14, 15, 16, and 17 are obtained: 
(10 pCa + 2 pOH + 6 pPO^ ) +0 (pH - 1/2 pCa) = 113.7 , (14) 
(10 pCa + 2 pOH + 6 pPO^ ) +2 (pH - 1/2 pCa) = 136.6 , (15) 
(10 pCa + 2 pOH + 6 pPO.) +8 (pH - 1/2 pCa) =141.3 , (16) 
and 
(10 pCa + 2 pOH + 6 pPO.) - 4 (pH - 1/2 pCa) = 97-92 . (17) 
Data from most of the experiments in this work will be presented on 
graphs with 10 pCa + 2 pOH + 6 pPO^  as the ordinate and pH - 1/2 pCa as 
the abscissa. The data are graphed in this way because the experiments 
were conducted in most cases with hydroxylapatite, and these variables 
allow one to visualize more readily than do certain other plots the loca­
tion of a point on the graph in relation to the reference hydroxylapatite 
line. 
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Equilibration 
Incubator-shaker 
All of the samples were equilibrated in an incubator-shaker, model 
G-26, manufactured by the New Brunswick Scientific Co., Inc. An additional 
shelf was constructed on the shaker platform to increase the number of 
samples that could be equilibrated at one time. Otherwise, the instrument 
was unaltered. The shaker mechanism was adjusted so that the shaker plat­
form, which rotates in a horizontal plane, turned at a rate of approximately 
85 r.p.m. The temperature control on the incubator was maintained at a 
setting which normally gives 25° C. However, due to mechanical failures 
in the incubator, the temperature during some experiments varied signifi­
cantly at times from 25° C. As soon as the mechanical failures were 
noticed they were corrected, and the samples were equilibrated for at 
least one more week at 25° C. before aliquots were removed. 
Equilibration cells 
In all the experiment except the first and last the samples were 
equilibrated in Plexiglas (an acrylic plastic) containers that were con­
structed specifically for this work and which will be referred to as 
equilibration cells in this thesis. Two types of cells were constructed 
3 
and used. One type had a volume of approximately 140 cm . and will be 
referred to as the small equilibration cell. The other type had a volume 
3 
of approximately 400 cm . and will be referred to as the large equilibration 
cell. 
The small equilibration cells were constructed as follows. A Plexiglas 
cylinder with an outside diameter of 5.08 cm. and a thickness of 0.35 cm. 
was cut into sections approximately 4.85 cm. long. An opening 1.0 cm. in 
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diameter was then drilled in each section approximately 2.4 cm. from one 
end. One end of each section was then closed by sealing to it a 6.5 cm. 
by 6.5 cm. sheet of Plexiglas (0.60 cm. thick) with a white silicone 
rubber bathtub seal marketed by the General Electric Co. The sheet of 
plastic was attached in such a manner that one of the four edges of it 
was parallel to a plane covering the opening in the side of the cylinder. 
A hole 0.5 cm. in diameter was drilled in each corner of the sheet of 
plastic outside the area covered by the attached cylinder. The open end 
of one cylinder was then coated with the silicone seal and covered with a 
semipermeable cellulose membrane. The open end of another cylinder was 
coated with the silicone seal, and the open ends of the two cylinders 
were joined in such a way that they appeared to be one continuous cylinder 
with the two openings in the sides of the cylinders in line. The two 
sections were then secured together by four stove bolts that passed through 
the holes in the sheet plastic in such a manner that the membranes were 
perpendicular to the platform on which the cells rested and the openings 
in the cylinders, which were plugged with rubber stoppers, opened upward. 
The hydroxylapatite or hydroxylapatite plus fluorite was placed on one 
side of the membrane, and 50 ml. of the desired solution were placed on 
each side of the membrane. Aliquots for analysis were withdrawn from the 
side of the membrane that did not contain the solid. 
The large equilibration cells were constructed similarly but with 
materials having different dimensions. The cylinder used had an outside 
diameter of 15.2 cm. and a thickness of 0.65 cm. It was cut into sections 
1.27 cm. long, and the openings cut in the sections were 0.85 cm. in 
diameter. The sheets of plastic used to close the cylinder ends were 
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17.1 cm. wide and 17.8 cm. long. In most cases the sheet plastic was 1.27 
cm. thick. In a few cases its thickness was 0.90 cm. Seven stove bolts 
were used to secure together the two halves of a cell. During equilibra­
tion of samples the cells were placed in such a manner that the membranes 
were perpendicular to the platform on which the cells rested and the 
openings in the cylinders, which were plugged with rubber septums, opened 
upward. The hydroxylapatite was placed on one side of the membrane and 
either 100 or 150 ml. of the desired solution were placed on each side of 
the membrane. 
The semipermeable cellulose membranes used are described and sold as 
dialyzing tubing by the Matheson Scientific Co. They claim the membranes 
to be practically free of impurities with the exception of approximately 
0.1 percent sulfur, and of glycerol and water, which act as conditioners. 
For the work reported in this thesis the membrane material was soaked in 
deionized water for 12 hours before use. The average diameter of the pores 
in the membranes is said to be 4.8 my. 
Pressure filters 
In the first and last experiments the equilibration was done in 1-1. 
polyethylene bottles. At the end of the equilibration period the solution 
was separated from the solid by use of the pressure filtering apparatus 
described by Peaslee (1960). Compressed air at approximately 30 p.s.i. 
was used to force the liquid through the filter. The compressed air was 
passed through an Ascarite trap in the inlet line to remove carbon dioxide. 
The filter paper used, Metricel GA-8, is sold by the Gelman Instrument 
Company. It is claimed to have a maximum pore size of 0.20 p. 
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EXPERIMENTS 
Solubility in 0.165 Molal Potassium Chloride 
Introduction 
The first two experiments in the present investigation were conducted 
on a phosphate rock and will be presented in Part II. These experiments 
showed that under certain conditions the phosphate rock exhibited the 
solubility of the hypothetical surface complex on hydroxylapatite that had 
been proposed by Rootare et al. (1962). It was important to know whether 
the solubility of the phosphate rock was actually being controlled by the 
surface complex or whether the results obtained with the phosphate rock 
suggesting this were due only to chance. 
Both LaMer (1962) and Deitz et al. (1964) suggested that variations 
in ion products for the surface complex were due to inadequacy of the 
Debye-Huckel equation in some cases for calculating individual ionic 
activities. LaMer stated that 0.165 m sodium chloride is a solution of 
such biological importance that it should be considered a reference solu­
tion for solubility measurements on hydroxylapatite. He suggested that 
all activity coefficients be assigned a value of one in this solution. 
It seemed unlikely that use of the Debye-Huckel equation would cause 
serious error unless addition of some compound made the ionic strength 
considerably higher than that normally found. Experiments later conducted 
for this thesis indicate that the Debye-Huckel equation can be used 
successfully in calculation of ion activity products for both hydroxyl­
apatite and fluorapatite. Nevertheless, use of a soluble foreign salt to 
control the activity coefficients of calcium and orthophosphate ions, as 
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suggested by LaMer, was appealing for several reasons: (1) It might eli­
minate the need to measure the contribution of miscellaneous soluble ionic 
substances other than sulfate to the ionic strength of the solution in 
experiments on phosphate rocks. (2) Ion concentration products are easier 
to calculate than ion activity products. (3) If good estimates of the 
activity coefficients needed to calculate the concentrations of the mono-
hydrogen orthophosphate ion in the solutions containing the soluble salt 
could be obtained, the error in ion concentration products should be 
lower than that in corresponding ion activity products. 
Levinskas and Neuman (1955) compared the solubility of a hydroxylapa-
tite in 0.165 m sodium chloride with the solubility in 0.165 m potassium 
chloride. They reported that the principal effect of the sodium ion was 
to increase the amount of calcium displaced or dissolved from the crystals. 
Stoll (1954) reported that the sodium ion displaced the calcium ion mole 
for mole from the hydration layer of hydroxylapatite crystals. He stated 
that it appeared likely that sodium ions may displace some calcium ions 
residing in the crystal surfaces. Lehr (1967) and Lehr et al. (1967b) 
studied over 100 phosphate rocks and stated that it appeared that as much 
as 6 percent of the calcium in some of the apatites had been replaced by 
sodium and magnesium. Lehr (1967) stated that although potassium was 
probably one of the cations most readily available to replace calcium during 
formation of sedimentary apatites it has shown little tendency to do so. 
Lehr suggested that the difference between sodium and potassium in this 
respect might be accounted for on the basis of their ionic radii. Sodium 
and calcium are about equal in size, but potassium is about 30 percent 
larger. Because of reasons given in this paragraph, potassium chloride was 
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used in this experiment instead of sodium chloride. 
One objective of this experiment was to obtain evidence as to whether 
the solubility of the hydroxylapatite was being restricted by a solubility 
product constant. If evidence was obtained that the solubility of hydroxy1-
apatite was being restricted by a solubility product constant, two other 
objectives were (1) to determine whether the constant was the one for 
hydroxylapatite or the surface complex and (2) to determine the ratio of 
the activity coefficient of the HgPO^  ion to the activity 
coefficient of the HPO^  ion (yHPO^ ) in 0.165 m potassium chloride. This 
ratio could then be used in calculating ion concentration products for 
phosphate rocks in 0.165 m potassium chloride. 
Theory 
At pH values of 6 and above, the solubility of hydroxylapatite in 
0.165 m potassium chloride is too low to change appreciably the ionic 
strength of the solution. At pH values between 6 and 8 the total phosphorus 
in solution is not significantly different from the sum of the H^ PO^  and 
HPO, ions. 
4 
The solubility product equation for the surface complex proposed by 
Rootare et al. (1962) is 
2 . 2 .  _  T ^ S C  / ^ Q \  
C^a O^H H^PO, " SP ' 4 
where a. represents the activity of the i ion. In the presence of 0.165 m 
potassium chloride and at pH values between 6 and 8, the following equation 
can be derived from Equation 18: 
[Ca]2 * a^g • [HPO^] = K' , (19) 
where [i] represents the molar concentration of the i ion and K' is a 
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constant. Under the conditions being considered. Equation 19 is equiva­
lent to 
2 2 YH2PO4 TH2PO4 
O^H '•^ 2^ yHP0^  2^^ YHP0^  
where is the second dissociation constant of orthophosphoric acid. 
The solubility product equation for hydroxylapatite is 
10 . 2 . 6 _ HA coi \ 
C^a O^H P^O, SP •  ^  ^
4 
In a manner similar to that used to derive Equation 20, Equation 21 can be 
transformed into 
1 AA7 1 00, yHPO yHPO 
• 4 • tfl . <22) 
where K" is a constant. 
If Equation 20 or 22 is valid, but if the activity coefficients yH^ PO^  
and yHPO^  are unequal, one may infer that arbitrarily assigning a value of 
unity to these coefficients will cause the left side of the appropriate 
equation to become a function of a . If the value is a function of a , 
there is no apparent advantage in including the term within the braces and 
assigning values of unity to yH^ PO^  and yHPO^ , The term might as well be 
transferred to the right side of the equation and combined with K' or K". 
Equation 20 then becomes 
[Ca]2 • • [P] = , (23) 
where and are constants. Equation 22 becomes 
[Ca]l'GG7 • * [P] = C^ ag + , (24) 
where C„ and C, are constants. 3 4 
If it is found that the product on the left side of Equation 23 and 
the experimental a^  are linearly related with a slope that appears 
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reasonable, while the product on the left side of Equation 24 and the 
experimental a^  are not linearly related, evidence will have been obtained 
that the surface complex is controlling the solubility. The reverse 
situation would provide evidence that hydroxylapatite is controlling the 
solubility. If the experimental data satisfy either Equation 23 or 24, 
the ratio of the activity coefficients needed to complete the left side 
of either Equation 20 or 22 could be obtained by determining the slope of 
the line and its intercept. 
Under the conditions used in this experiment there is no apparent 
reason to suspect that the methods used to estimate [Ca] and [P] in the 
solutions will give biased estimates of the true [Ca] and [P] in those 
solutions. However, there is reason to expect that pH measurements will 
give a biased estimate of a„. An inaccurate estimate of the absolute a 
H n 
would be expected if the junction potential between the reference buffer 
solution and the saturated potassium chloride is significantly different 
from the junction potential between the 0.165 m potassium chloride and 
the saturated potassium chloride. Therefore, it is possible that there 
will be nonlinear relationships between the left side of both Equation 23 
and 24 and the experimental a^ . A difference in the junction potentials 
of less than one millivolt would be enough to cause a significant deviation 
from a straight line. 
Procedure 
The experiment included 20 treatments, each in duplicate, in which 
different quantities of hydroxylapatite were added to 800 ml. of 0.165 m 
potassium chloride solution containing different quantities of hydrochloric 
acid or potassium hydroxide to adjust the pH. All the solutions initially 
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received 0.625 ml. of chloroform per 100 ml. of solution. After the 
systems had equilibrated for 3 weeks most of the chloroform had evaporated, 
and so 0.625 ml. of chloroform was again added per 100 ml. of solution. 
Water free of carbon dioxide was used to prepare the solutions to 
which hydroxylapatite was added. During the equilibration period carbon 
dioxide free air was continuously passed through the incubation chamber 
containing the systems. The mouths of the bottles containing the systems 
were closed during equilibration. Carbon dioxide free air was passed over 
the solutions during removal of aliquots from them, and carbon dioxide free 
air was passed through the aliquots during the pH measurements. 
After 33 days of equilibration, pH measurements on the samples were 
started. The pH measurements were made in a random order, and 16 measure­
ments were made on each system. The measurements were made by first 
removing 5 ml. of the supernatant solution and rinsing the electrodes and 
then removing another 5 ml. and measuring its pH in a waxed paper cup. The 
supernatant solutions were clear to the naked eye. 
After 47 days of equilibration the samples were filtered in a random 
order. The filtering was done by first decanting approximately 50 ml. of 
the solution into a membrane filter assembly, passing the solution through 
the membrane under 2 atm. pressure, and discarding the filtrate. Then an 
additional 50 ml. of solution were decanted into the filter and passed 
through the membrane under 2 atm. pressure. This process was repeated 
until 500 ml. of filtrate had been collected from a system which initially 
contained 800 ml. After filtration three drops of concentrated sulfuric 
acid were added to the filtrate. Calcium and phosphorus were determined 
on the 40 filtrates in random order. Eight determinations of each element 
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were made on each filtrate. 
Results and discussion 
The results of the experiment are given in Table 1 and Figures 1 and 
2. To keep the figures simple, only the data for the systems with the 
lowest and highest solid to solution ratios have been plotted. 
Both Figure 1 and Figure 2 demonstrate that the measured solubility 
was not independent of the solid to solution ratio. In general, the 
solubility appeared to increase as the solid to solution ratio increased. 
One possible explanation of this observation is that the solubility of 
the hydroxylapatite used was not restricted by a solubility product con­
stant. 
One may note from Figures 1 and 2, however, that the difference 
between duplicate samples is much greater at the higher ratio of solid 
to solution than at the lower ratio. This observation indicates bias in 
the measurements and suggests the possibility that the difference in 
apparent solubility of the hydroxylapatite between the different solid to 
solution ratios might be due entirely or in part to error. 
A possible cause of bias in the measurements is leakage of part of 
the solid through the filter into the filtrate. One would expect more 
solid to leak through from the systems with the highest solid to solution 
ratio if leakage was occurring. An approximation of the leakage required 
to account for the differences observed can be obtained by investigating 
the mean calcium and phosphorus concentrations for samples 11 and 12 
versus the mean concentrations for samples 21 and 22. ». These samples gave 
essentially the same pH value, and therefore any difference in their 
measured solubility should be dependent only on their calcium and phosphorus 
imp 
imb' 
1 
2 
3 
4 
5 
6 
7 
8 
9 
10 
11 
12 
13 
14 
15 
Solubility of hydroxylapatlte at different solid to solution ratios and at different pH 
values in 0.165 m potassium chloride 
Solid added, 
g. per 100 ml. of 2 p[Ca] + 2 pOH 1.667 p[Ca] + 
solution pH p[Ca] P[P] + P[P] 1.333 pOH + p[P] [Ca]/[P] 
0.10 6.11 3.064 3.268 25.176 18.893 1.60 
0.10 6.11 3.064 3.270 25.178 18.895 1.61 
0.10 6.50 3.392 3.576 25.360 19.228 1.53 
0.10 6.50 3.388 3.574 25.350 19.220 1.53 
0.10 6.87 3.728 3.858 25.574 19.576 1.35 
0.10 6.86 3.731 3.858 25.600 19.596 1.34 
0.10 6.98 3.900 3.985 25.825 19.844 1.22 
0.10 7.01 3.921 4.000 25.822 19.854 1.20 
0.10 7.13 4.049 4.066 25.904 19.974 1.04 
0.10 7.13 4.070 4.072 25.952 20.015 1.00 
0.25 6.09 3.052 3.242 25.166 18.874 1.54 
0.25 6.09 3.052 3.244 25.168 18.876 1.56 
0.25 6.42 3.356 3.506 25.378 19.204 1.41 
0.25 6.45 3.358 3.503 25.319 19.165 1.39 
0.25 6,78 3.631 3.692 25.394 19.369 1.15 
Table 1. (Continued) 
Solid added. 
Sample g. per 100 ml. of 
number solution pH p[Ca] p[P] 
16 0.25 6.75 3.627 3.701 
17 0.25 6.88 3.746 3.772 
18 0.25 6.88 3.750 3.768 
19 0.25 6.84 3.865 3.833 
20 0.25 6.99 3.708 3.729 
21 0.50 6.10 3.036 3.202 
22 0.50 6.09 3.036 3.202 
23 0.50 6.39 3.308 3.412 
24 0.50 6.37 3.304 3.414 
25 0.50 6.62 3.620 3.592 
26 0.50 6.73 3.622 3.590 
27 0.50 6.74 3.629 3.596 
28 0.50 6.74 3.638 3.596 
29 0.50 6.75 3.599 3.572 
30 0.50 6.80 3.682 3.616 
31 1.00 6.03 2.982 3.142 
p[Ca] + 2 pOH 1.667 p[Ca] + 
+ p[P] 1.333 pOH + p[P] [Ca]/[P] 
25.455 19.411 1.18 
25.504 19.507 1.06 
25.508 19.510 1.04 
25.883 19.820 0.93 
25.165 19.254 1.05 
25.074 18.794 1.46 
25.094 18.807 1.46 
25.248 19.070 1.27 
25.282 19.093 1.29 
25.592 19.564 0.94 
25.380 19.319 0.93 
25.374 19.324 0.93 
25.392 19.338 0.91 
25.270 19.236 0.94 
25.380 19.352 0.86 
25.046 18.737 1.44 
Table 1. (Continued) 
Sample 
number 
Solid added, 
g, per 100 ml. of 
solution PH p[Ca] P[P] 
2 p[Ca] + 2 pOH 
+ P[P] 
1.667 p[Ca] + 
1.333 pOH + p[P] [Ca]/[P] 
32 1.00 6.04 3.006 3.141 25.073 18.763 1.36 
33 1.00 6.30 3.247 3.301 25.195 18.978 1.13 
34 1.00 6.27 3.248 3.302 . 25.258 19.020 1.13 
35 1.00 6.54 3.484 3.418 25.306 19.170 0.86 
36 1.00 6.54 3.482 3.418 25.302 19.166 0.86 
37 1.00 6.56 3.479 3.409 25.247 19.126 0.85 
38 1.00 6.64 3.507 3.421 25.155 19.078 0.82 
39 1.00 6.57 3.503 3.424 25.290 19.168 0.83 
40 1.00 6.54 3.513 3.422 25.368 19.222 0.81 
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Figure 1. Plot of experimental values from Table 1 for two ratios of 
hydroxylapatite to solution to test conformance to 
Equation 23 
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Figure 2. Plot of experimental values from Table 1 for two ratios of 
hydroxylapatite to solution to test conformance to 
Equation 24 
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concentrations. The difference in their solid to solution ratio was 
0.25 g./lOO ml. The difference in their phosphorus concentration was 
5.74 X 10 ^  moles/100 ml., and the difference in their calcium concentra-
- 6  
tion was 3.4 x 10 moles/100 ml. If one assumes the solid leaking 
through the filter has the composition of pure apatite, 0.38 percent of 
the amount of solid added would have had to leak through to give the 
difference in phosphorus concentration, and 0.14 percent would have had 
to leak through to give the difference in calcium concentration. 
During equilibration the solid settled to the bottom of the bottles 
within a few days, and much of it remained there during filtration. To 
account for the results, the proportion of the solid reaching the filter 
that passed through into the filtrate thus would have had to exceed the 
figure of 0.38 percent calculated on the basis of the total solid added. 
The fact that the filtrates were brilliantly clear to the naked eye 
suggests that the systems did not contain a large number of small particles 
that might leak through the filter. It seems unlikely, therefore, that all 
the observed differences insolubility could be accounted for by leakage of 
solid particles through the filters. 
Other possibilities of experimental error are present because of the 
probable net charge existing on the hydroxylapatite particles. Firstly, 
the charged particles could have an effect on the junction potential 
connected with the pH measurement. However, it seems unlikely that there 
was a significant effect of the solid on the junction potential because 
the measurements were made on the supernatant solutions which were clear 
to the naked eye. 
A second source of error due to the electric nature of hydroxylapatite 
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might have arisen as follows. As was previously stated, the filtrates 
were obtained by decanting the solution into the filter and filtering. 
This process was repeated several times, and as a result some of the solid 
became suspended in the solution. If a sufficient amount of solid became 
suspended and the charge on the solid was great enough, one would expect 
that the filtrate obtained by nonequilibrium filtration of the suspension 
would differ from the supernatant solution present at the start of filtra­
tion. It cannot be said with the information available that the experi­
mental error from this factor would be greater at the higher solid to 
solution ratios than at the lower ratios. 
The concentrations of potassium and chloride in the filtrate were not 
determined. However, it seems extremely unlikely that the presence of the 
solid affected the ionic strength of the solution to the extent that 
serious errors were introduced. 
The calcium to phosphorus ratio in the filtrate decreased as the pH 
increased and as the solid to solution ratio increased. All the calcium 
to phosphorus ratios in the filtrates were below 1.67, and some of the 
ratios were significantly below 1.0. Formation of the surface complex as 
proposed by Rootare et al. (1962) cannot in itself account for ratios 
< 1.0. This certainly does not disprove the surface complex theory but 
does indicate that at least one other factor must be involved in the 
varying calcium to phosphorus ratios often observed in solutions in equili­
brium with hydroxylapatite. There is no apparent reason why all the 
variation in the calcium to phosphorus ratio in the filtrate could not be 
accounted for by the formation of an ionic double layer at the solid 
surface. 
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Solubility of Hydroxylapatite plus Fluorite 
Introduction 
The objective of this experiment was to determine if hydroxylapatite 
in a solution saturated with fluorite and with a pH between 3 and 7 would 
react with fluoride at 25° C. to produce a substance that exhibited a 
solubility product constant for fluorapatite. Existence of the solubility-
product constant for fluorapatite under these conditions would verify that 
the method used in this experiment to obtain a solubility-product constant 
for fluorapatite was adequate to obtain a constant for the hydroxylapatite 
being investigated if such a constant existed. Previous workers have not 
attempted to verify the techniques they used in hydroxylapatite solubility 
experiments by the use of fluorapatite. 
On the basis of thermodynamic data now available, hydroxylapatite is 
unstable with respect to fluorapatite under the conditions mentioned in 
the preceding paragraph. However, it was not known whether the reaction 
of hydroxylapatite with fluoride would proceed to a stable equilibrium 
at 25° C. 
Chaverri (1962) equilibrated a system initially containing 10 g. of 
a synthetic hydroxylapatite and 2 g. of fluorite in a dilute hydrochloric 
acid solution for 43 days and found the solubility, according to the con­
stants given by Lindsay and Moreno (1960), to be intermediate between a 
system saturated with hydroxylapatite and one saturated with fluorapatite 
plus fluorite. Chaverri did not attempt to determine the activity of 
fluoride but assumed the solution was saturated with fluorite. Therefore, 
ignoring the possibility of a large experimental error, the fact that the 
solubility did not coincide with that of fluorapatite plus fluorite could 
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be due to (1) failure of a well crystallized fluorapatite to form, (2) 
failure of the solution to become saturated with fluorite, or (3) a com­
bination of (1) and (2). Farr et al. (1962) stated that fluorite has a 
low rate of dissolution but did not give data to indicate the specific 
rate. 
Procedure 
The assumptions were made that at the end of the equilibration period 
F 
the solutions were saturated with fluorite and the pKgp value was 9.84. 
This value was given by Lindsay and Moreno (1960). The_activity of 
F fluoride in a solution was then calculated using pKgp and the estimated 
activity of calcium. One-tenth g. of reagent grade calcium fluoride was 
added per 100 ml. of solution. 
The small equilibration cells previously described were used in the 
experiment. The systems were equilibrated for 105 days. Mercuric chloride 
was not added to the solutions at the start of equilibration. After 20 
days of equilibration enough mercuric chloride was added to make the 
solutions 0.001 M in mercuric chloride. No visible signs of microbial 
growth were ever present. 
Six treatments were used, five of the treatments being made in 
duplicate and one in quadruplicate. The treatments are given in Table 2. 
Results and discussion 
The results are given in Table 2 and Figure 3. Table 2 indicates 
that equilibration of hydroxylapatite with fluorite resulted in a substance 
FA 
that exhibited a solubility product constant for fluorapatite. The pKgp 
values obtained are all in the range from 117.0 to 119.1 and show no signi­
ficant trends with quantity of hydrochloric acid added with final pH, or 
Table 2. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products of solutions equilibrated for 105 days at 25° C. in the presence of a solid 
phase that initially consisted of hydroxylapatite and fluorite. 
Hydroxyl-
apatite _ 10 pCa + 10 pCa + 
Solution added, pH - 2^4 2 pOH + 2 pF + 
added g./lOO ml.+ pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  6 pPO^ * 
0.0100 MCI 0.1 3.76 2. 130 2 .402 2.385 2 .497 5.937 14.50 2.567 3. 689 131.3 118.3 
0.0100 NHCl 0.1 3.72 2. 169 2 .402 2.417 2 .494 5.974 14.57 2.512 3. 702 132.2 119.0 
0.0100 NHCl 0.1 3.72 2. 173 2 .402 2.420 2 .494 5.974 14.57 2.510 3. 704 132.2 119.1 
0.0100 mcl 0.1 3.73 2. 175 2 .402 2.422 2 .493 5.963 14.55 2.519 3. 704 132.1 119.0 
0.0100 NHCl 1.0 3.88 2. 204 2 .468 2.445 2 .555 5.875 14.32 2.658 3. 777 130.6 117.7 
0.0100 NHCl 1.0 3.84 2. 202 2 .503 2.443 2 .590 5.950 14.43 2.619 3. 811 131.3 118.4 
0.0010 NHCl 0.1 4.87 3. 095 3 .404 3.228 3 .445 5.775 13.22 3.256 5. 059 129.9 118.2 
0.0010 NHCl 0.1 4.85 3. 107 3 .395 3.239 3 .435 5.785 13.26 3.231 5. 055 130.2 118.5 
0.0010 mcl 1.0 4.98 3. 030 3 .510 3.166 3 .553 5.773 13.11 3.397 5. 136 128.4 117.0 
0.0010 NHCl 1.0 4.88 3. 116 3 .542 3.247 3 .583 5.903 13.34 3.257 5. 206 130.8 119.1 
0.0001 NHCl 0.1 5.34 3. 473 3 .955 3.588 3 .994 5.854 12.83 3.546 5. 788 130.2 119.1 
+A11 solutions were 0.001 M in mercuric chloride after 20 days of equilibration. 
*Assumed that pCa +2 pF = 9.84. 
i-All systems received 0.1 g. fluorite/100 ml. solution. 
Table 2. (Continued) 
Hydroxyl-
apatite 
Solution added, 
added g./lOO ml.4- pH p[Ca] p[P] pCa pHgPO^  pHPO^  PPO4 
pH -
1/2 pCa 
pHgPO^  + 
1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^  
10 pCa + 
2 pF + 
6 pPO^ * 
0.0001 N HCl 0.1 5.41 3.391 3.992 3.509 4.034 5.824 12.73 3.655 5.788 128.7 117.8 
0.0001 N HCl 1.0 5.31 3.391 3.509 3.509 3.894 5.784 12.79 3.555 5.648 129.2 118.2 
0.0001 N HCl 1.0 5.31 3.391 3.906 3.509 3.946 5.836 12.85 3.555 5.700 129.5 118.5 
+A11 solutions were 0.001 M in mercuric chloride after 20 days of equilibration. 
A^ssumed that pCa + 2 pF = 9.84. 
$A11 systems received 0.1 g. fluorite/100 ml. solution. 
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Figure 3. Solubility exhibited at the end of 105 days at 25° C. by a solid 
phase consisting initially of hydroxylapatite and fluorite in 
acid solutions. The line labeled fluorapatite plus fluorite 
represents the pK|A value of 118.4 calculated by Lindsay and 
Moreno (1960). 
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FA 
with ratio of solid to solution. The average experimental pKgp value of 
118.4 compares with the value of 118.4 given by Lindsay and Moreno (1960) 
and the value of 120.86 given by Farr and Elmore (1962). 
According to Trautz and Zapanta (1961) diffusion of fluoride into the 
interior of hydroxylapatite crystallites does not take place at biological 
temperatures, and a transformation of hydroxylapatite into fluorapatite at 
these temperatures can happen only by solution and reprecipitation. If 
this is true, the apatite occurring after equilibration in this experiment 
was either (1) predominantly a hydroxylapatite with a surface coating of 
fluorapatite that controlled the solubility, (2) a fluorapatite that had 
formed through dissolution of the hydroxylapatite and reprecipitation as 
fluorapatite, or (3) a combination of (1) and (2). 
Simpson (1966) obtained X-ray diffractograms of apatites formed at 
25® C. He found that patterns from apatite formed in fluoride-bearing 
systems consistently showed markedly better resolution than did patterns 
from apatite formed in the presence of chloride or in the absence of 
halogens. Therefore, an explanation for the fact that the fluorapatite 
formed in this experiment possessed a solubility product constant and the 
hydroxylapatite used in the first experiment seemingly did not is that 
well ordered crystals of fluorapatite can form at room temperature whereas 
well ordered crystals of hydroxylapatite do not form even at 100° C. 
Another explanation might be that the techniques used in this experiment 
eliminated bias associated with the ratio of solid to solution in the 
first experiment. 
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Solubility of Hydroxylapatite after 14 Days 
of Equilibration in the Small Equilibration Cells 
Introduction 
The objective of this experiment was to obtain ion activity products 
for hydroxylapatite using a technique that should eliminate possible 
experimental error due to the electrical properties of hydroxylapatite and 
the leakage of solid particles into the filtrates on which the analyses 
were made. 
Procedure 
The small equilibration cells were used in the experiment, and the 
equilibration period was 14 days. No mercuric chloride was added. No 
visible signs of microbial growth were present at the end of the equili­
bration period. 
Initially the solid to solution ratios were 0.05 g./lOO ml. and 
0.5 g./lOO ml. However, after 5 days of equilibration all the solid had 
dissolved in the systems with the low ratio. Therefore, 0.05 g. of 
hydroxylapatite per 100 ml. was added to these systems. These systems 
are designated with a solid to solution ratio of 0.10 g./lOO ml. in Table 3. 
The experiment included six treatments, each in duplicate. The treat­
ments are given in Table 3. 
Results and discussion 
Table 3 shows that the negative logarithm of the ion activity product 
is not constant for the hydroxylapatite used. Therefore, one might suspect 
that the surface complex was controlling the solubility. However, the 
solubility of the hydroxylapatite behaved just the opposite of what would 
be expected if the surface complex were controlling the solubility. If the 
Table 3. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite as measured in small equilibration cells after 14 days of 
equilibration. 
Solid „ pQ  ^
Solution added, pH - 2 4 2 pOH + 
added g./lOO ml. pH p[Ca] ;p[P] pCa pH^ PO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
0.01 N HCl 0. 10 4.60 2. 109 2 .326 2 .360 2 .415 5 .015 12 .74 3.420 3. 595 118 .8 
0.01 N HCl 0. 10 4.53 2. 109 2 .342 2 .359 2 .432 5 .102 12 .89 3.350 3. 611 119 .9 
0.01 N HCl 0. 50 4.76 2. 105 2 .326 2 .356 2 .417 4 .857 12 .42 3.582 3. 595 116 .5 
0.01 N HCl 0. 50 4.76 2. 105 2 .342 2 .356 2 .434 4 .874 12 .43 3.582 3. 612 116 . 6 
0.01 
0.01 
N 
M 
HCl, 
CaClg 0. 10 3.97 2. 318 2 .079 2 .452 5 .682 5 .682 14 .03 2.931 3. 491 125 .0 
0.01 
0.01 
N 
M 
HCl, 
CaCl. 0. 10 4.40 1. 746 2 .318 2 .078 2 .451 5 .251 13 .17 3.361 3. 491 119 .0 
0.01 
0.01 
N 
M 
HCl, 
CaClg 0. 50 4.53 1. 736 2 .302 2 .071 2 .438 5 .108 12 .90 3.494 3. 474 117 .0 
0.01 
0.01 
N 
M 
HCl, 
CaClg 0. 50 4.56 1. 738 2 .302 2 .073 2 .438 5 .078 12 .84 3.524 3. 475 116 . 6 
0.01 
0.01 
N 
M 
HCl, 
KHgPO* 0. 10 4.36 2. 105 1 .853 2 .410 1 .949 4 .789 12 .75 3.155 3. 154 119 .9 
0.01 
0.01 
N 
M 
HCl, 
KH^ PO, 0. 10 4.42 2. 092 1 .849 2 .400 1 .946 4 .726 12 .63 3.220 3. 146 118 .9 2 4 
Table 3. (Continued) 
Solid PO + 10 pCa + 
Solution added, pH - 2^4 2 pOH + 
added g./lOO ml. pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO, 
0.01 N HCl, 
0.01 M KHgPO, 0.50 4.60 2.103 1.856 2.409 1.953 4.553 12.27 3.395 3.158 116.5 
0.01 N HCl, 
0.01 M KHgPO^ 0.50 4.66 2.089 1.849 2.399 1.947 4.487 12.15 3.461 3.146 115.5 
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surface complex were controlling the solubility, the negative logarithm of 
the ion activity product for hydroxylapatite should have increased as the 
lime potential increased. Table 3 shows that in general it decreased as 
the lime potential increased. 
Another possible explanation of the results is that the solubility of 
hydroxylapatite is controlled by hydroxylapatite per se and not the 
surface complex, and that the hydroxylapatite used had a range of 
activities. Table 3 shows that the negative logarithm of the ion acti­
vity product decreased as the solid to solution ratio increased. This 
behavior could be explained on the basis that the equilibrium activity of 
hydroxylapatite was lower at the lower solid to solution rates than at the 
higher ratio. 
At both solid to solution ratios the negative logarithm of the ion 
activity product for hydroxylapatite was higher than that reported by 
Clark (1955). If the systems were at equilibrium and hydroxylapatite per 
se were controlling the solubility, this would mean that the activity of 
the hydroxylapatite used in this experiment was lower at both solid to 
solution ratio* than the activity of the hydroxylapatite used by Clark. 
The implication then would be that the hydroxylapatite used by Clark was 
in a metastable state and that the mean ion activity product he reported 
was not a solubility product constant. 
Another possible explanation is that the equilibration time was too 
short for equilibrium to be attained. It was thought that 14 days would 
be a long enough equilibration time because Levinskas and Neuman (1955) 
found that solutions in contact with hydroxylapatite remained unchanged 
between 1 and 77 days. However, it is possible in this experiment that 
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the solutions analyzed were undersaturated because of slow diffusion across 
the membrane. If the systems were undersaturated, one would expect the 
systems containing the least solid to be furthest below the saturation 
point. 
Solubility of Hydroxylapatite in Large Equilibration 
Cells as Affected by Equilibration Time, Solid to Solution 
Ratio, and Composition of Solution Added 
Introduction 
The objective of this experiment was to determine if the hydroxyl­
apatite being investigated exhibited a solubility product constant after 
long periods of equilibration in the large equilibration cells. The large 
equilibration cells were designed in such a manner that the surface area 
of membrane per unit volume was much larger than that of the small equili­
bration cells. Therefore, the rate of equilibration across the membranes 
would be faster than with the small cells. 
Procedure 
The experiment consisted of three parts. In the first part of the 
experiment the systems were equilibrated for 17 days, and the results are 
given in Table 4. After aliquots had been removed for the first part, the 
-5 
cells were filled to their initial volume with a solution which was 10 N 
—3 potassium hydroxide and 10 M mercuric chloride and were allowed to equili­
brate 49 more days. The results of this part of the experiment are given 
in Table 5. 
The third part of the experiment was conducted on separate systems 
prepared after making the measurements for the first part of the experiment. 
Table 4. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in systems equilibrated in the large equilibration cells 
for 17 days. 
Cell Solution 
Solid 
added. pH - PH2PO4 
10 pCa + 
2 pOH + 
4 No. added* g./lOO ml . pH p[Ca] p[P] pCa pHgPO^ pHPO^  PPO4 1/2 pCa 1/2 pCa 6 pPO 
1 0.0100 N HCl 0.1 4.63 2.116 2.337 2.376 2.429 4.999 12.69 3.442 3.617 118.6 
2 0.0100 N HCl 0.1 4.62 2.121 2.337 2.380 2.428 5.008 12.71 3.430 3.618 118.8 
3 0.0100 N HCl 1.0 4.77 2.119 2.328 2.379 2.420 4.850 12.40 3.580 3.610 116.6 
4 0.0100 N HCl 1.0 4.80 2.115 2.332 2.376 2.426 4.826 12.35 3.612 3.614 116.2 
5 0.0001 N HCl 0.1 5.97 3.582 3.617 3.696 3.680 4.910 11.26 4.122 5.528 120.6 
6 0.0001 N HCl 0.1 5.81 3.406 3.617 3.525 3.673 5.063 11.57 4.048 5.435 121.1 
7 0.0001 N HCl 1.0 5.80 3.184 3.307 3.314 3.367 4.767 11.29 4.143 5.024 117.3 
8 0.0001 N HCl 1.0 5.70 3.167 3.280 3.298 3.336 4.836 11.46 4.051 4.985 118.3 
9 0.0100 N HCl, 
0.0100 M CaCl„ 0.1 
— z 
10 0.0100 N HCl, 
0.0100 M CaClg 0.1 
11 0.0100 N HCl, 
0.0100 M CaClr 1.0 
4.30 1.756 2.319 2.092 2.452 5.352 13.37 3.254 3.498 120.6 
4.42 1.744 2.301 2.083 2.436 5.216 13.12 3.378 3.478 118.7 
4.58 1.739 2.310 2.080 2.447 5.067 12.81 3.540 3.487 116.5 
*A11 solutions 0.001 M in mercuric chloride. 
Table 4. (Continued) 
Solid pQ + 10 pCa + 
Cell Solution added, pH - 2^4 2 pOH + 
No. added* g./lOO ml. pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
12 0.0100 N HCl, 
0.0100 M CaClg 1.0 4.60 1.743 2.305 2.083 2.442 5.042 12.76 3.559 3.483 116.2 
13 0.0001 N HCl, 
0.0100 M CaCl- 0.1 5.16 1.967 3.366 2.248 3.485 5.525 12.68 4.036 4.609 116.3 / 
14 0.0001 N HCl, 
0.0100 M CaCl_ 0.1 5.24 1.963 3.436 2.244 3.558 5.518 12.60 4.118 4.680 115.5 
— I 
15 0.0001 N HCl, 
0.0100 M CaCl. 1.0 5.10 1.971 3.307 2.251 3.423 5.523 12.74 3.975 4.549 116.8 
16 0.0001 N HCl, 
0.0100 M CaClg 1.0 5.20 1.984 3.372 2.261 3.490 5.490 12.61 4.069 4.621 115.9 
17 0.0100 N HCl, 
0.0100 M KHgPO, 0.1 4.39 2.121 1.844 2.433 1.941 4.751 12.68 3.173 3.157 119.6 
18 0.0100 N HCl, 
0.0100 M KHgPO^ 0.1 4.36 2.112 1.844 2.434 1.941 4.751 12.74 3.143 3.158 120.1 
19 0.0100 N HCl, 
0.0100 M KHgPO^ 1.0 4.70 2.119 1.856 2.433 1.954 4.454 12.07 3.484 3.170 115.4 
20 0.0100 N HCl, 
0.0100 M KH„PO, 1.0 4.64 2.116 1.847 2.430 1.945 4.505 12.18 3.425 3.160 116.1 
— 2 4 
Table 5. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in systems 49 days after removal of aliquots to obtain 
results given in Table 4 and refilling of cells to their original volume with a solution 
-5 -3 10  ^in potassium hydroxide and 10 in mercuric chloride. 
Cell 
Number* 
Solid 
added, 
g./lOO ml. pH p[Ca] p[P] pCa PH^ PO^  pHPO^  PPO4 
pH -
1/2 pCa 
pHgPO^  + 
1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^  
1 0.1 4.80 2.290 2.510 2.517 2.588 4.988 12.51 3.542 3.847 118.6 
2 0.1 4.71 2.284 2.505 2.511 2.583 5.073 12.68 3.454 3.839 119.8 
3 1.0 4.92 2.280 2.505 2.508 2.586 4.866 12.27 3.666 3.840 116.8 
4 1.0 4.85 2.284 2.495 2.512 2.574 4.924 12.39 3.594 3.830 117.8 
5 0.1 5.67 3.301 3.505 3.424 3.556 5.086 11.74 3.958 5.268 121.3 
6 0.1 5.60 3.275 3.474 3.400 3.523 5.123 11.84 3.900 5.223 121.8 
7 1.0 5.60 3.083 3.267 3.218 3.321 4.921 11.64 3.991 4.929 118.8 
8 1.0 5.59 3.079 3.240 3.215 3.293 4.903 11.63 3.982 4.901 118.8 
9 0.1 4.55 1.915 2.500 2.212 2.614 5.264 13.03 3.444 3.721 119.2 
10 0.1 4.54 1.920 2.495 2.216 2.608 5.268 13.05 3.432 3.716 119.4 
11 1.0 4.75 1.918 2.484 2.215 2.599 5.049 12.62 3.643 3.707 116.4 
12 1.0 4.78 1.927 2.484 2.222 2.599 5.019 12.56 3.669 3.710 116.0 
13 0.1 5.18 2.149 3.398 2.393 3.497 5.517 12.66 3.982 4.693 117.5 
14 0.1 5.18 2.136 3.398 2.383 3.498 5.518 12.66 3.989 4.689 117.4 
Oi 
o 
*Represents same cell as corresponding number represents in Table 4. 
Table 5. (Continued) 
Solid 10 pCa + 
Cell added, pH -  ^2 4 2 pOH + 
Number* g./lOO ml. pH p[Ca] p[P] pCa pH^ PO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
15 1.0 5.19 2.144 3.263 2.390 3.362 5.372 12.50 3.995 4.557 116.5 
16 1.0 5.18 3.138 3.256 2.384 3.355 5.375 12.52 3.988 4.547 116.6 
18 0.1 4.59 2.21)6 2.033 2.556 2.116 4.726 12.46 3.312 3.394 119,1 
19 1.0 4.77 2.280 2.033 2.551 2.117 4.547 12.10 3.494 3.393 116.6 
20 1.0 4.79 2.280 2.033 2.551 2.117 4.527 12.06 3.514 3.393 116.3 
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The solutions added to the systems were different from those added in the 
first part of the experiment. This was done to attain systems at equi­
librium with different lime potentials than were observed in the first 
part. The results of this part of the experiment are given in Table 6. 
The treatments used in the experiment are given in Tables 4, 5, and 
6 .  
Results and discussion 
The negative logarithms of the ion activity products obtained after 
17 days of equilibration (Table 4) are similar to those obtained after 49 
days of equilibration (Table 5). They are also similar to those obtained 
in the preceding experiment after 14 days of equilibration in the small 
equilibration cells. Therefore, the fact that the mean of duplicate 
values of the negative logarithm of the ion activity product for hydroxyl-
apatite is larger in the systems with 0.1 g. of solid per 100 ml. of 
solution than in the comparable systems with 1.0 g. of solid per 100 ml, of 
solution in 15 of 16 possible comparisons in Tables 4, 5, and 6 cannot be 
explained on the basis that the systems were not at equilibrium. 
There is reason to question the results obtained from the systems 
-4 that received 10 N hydrochloric acid. Data for these systems are given 
in Tables 4 and 5. The mean negative logarithm of the ion activity product 
for hydroxylapatite for the other systems at the lower solid to solution 
ratio was 118.2, and the individual values ranged from 115.5 to 120.6. The 
mean of the four values that were obtained for the low ratio systems that 
-4 
received the 10 N hydrochloric acid was 121.2, and the individual values 
ranged from 120.6 to 121.8. Three of the values were > 120.6. The mean 
value for the other systems at the higher solid to solution ratio was 116.4, 
Table 6. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in systems equilibrated in the large equilibration cells 
for 120 days. 
Solution 
added* 
Solid 
added, 
g./lOO ml. pH p[Ca] p[P] pCa PH2PO4 PHPO4 
1 
PPO4 
pH - + 
1/2 pCa 1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^  
H^ O 0.1 5.86 3.311 3.492 3.434 3.553 4.893 11.35 4.143 5.270 118.7 
H2O 0.1 5.95 3.332 3.520 3.455 3.586 4.836 11.21 4.222 5.313 117.9 
HO 1.0 5.72 3.102 3.251 3.237 3.309 4.789 11.39 4.101 4.928 117.3 
H^ O 1.0 5.76 3.110 3.251 3.244 3.311 4.751 11.31 4.138 4.933 116.8 
0.0100 N HCl 0.1 4.80 2.196 2.400 2.440 2.486 4.886 12.41 3.580 3.706 117.2 
0.0100 N HCl 0.1 4.80 2.219 2.418 2.459 2.502 4.902 12.42 3.570 3.731 117.5 
0.0100 N HCl 1.0 4.90 2.219 2.418 2.460 2.503 4.803 12.22 3.670 3.733 116.1 
0.0100 N HCl 1.0 4.89 2.215 2.418 2.456 2.503 4.813 12.24 3.662 3.731 116.2 
0.0100 M CaClg 0.1 5.32 1.980 3.854 2.257 3.977 5.857 12.86 4.191 5.106 117.1 
0.0100 M CaClg 0.1 5.34 1.992 3.895 2.266 4.018 5.878 12.86 4.207 5.151 117.1 
0.0100 M CaClg 1.0 5.21 1.982 3.497 2.259 3.616 5.606 12.72 4.080 4.746 116.5 
0.0100 M CaClg 1.0 5.22 1.983 3.477 2.260 3.596 5.576 12.68 4.090 4.726 116.2 
0.0100 M KH2PO4 0.1 5.31 3.324 2.013 3.565 2.075 3.965 10.98 3.528 3.858 118.9 
*A11 solutions were 0.001 M in mercuric chloride. 
Table 6. (Continued) 
Solid 10 pCa + 
Solution added, pH - 2^4 2 pOH + 
added* g./lOO ml. pH p[Ca] p[P] pCa pH^ PO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6pP0^  
0.0100 M KH„PO, 0.1 5.30 3.324 2.001 3.566 2.063 3.963 10.98 3.517 3.846 119.0 
— Z 4 
0.0100 M KH^ PO, 1.0 5.32 3.130 1.991 3.377 2.056 3.936 10.94 3.632 3.745 116.7 
— z 4 
0.0100 M KH^ PO. 1.0 5.32 3.130 2.001 3.376 2.066 3.946 10.95 3.632 3.745 116.8 
— 2 4 
0.0010 M CaClg, 
0.0001 M KH^ PO^  0.1 5.70 2.903 3.585 3.049 3.650 5.150 11.77 4.176 5.174 117.7 
0.0010 M CaClg, 
0.0001 M KH PO, 0.1 5.70 2.912 3.591 3.057 3.655 5.155 11.78 4.172 5.183 117.8 
0.0010 M CaClg, 
0.0001 M KHLPO, 1.0 5.59 2.797 3.255 2.953 3.319 4.929 11.66 4.113 4.796 116.3 
0.0010 M CaClg, 
0.0001 M KH PO, 1.0 5.60 2.832 3.285 2.985 3.348 4.948 11.67 4.108 4.480 116.6 
— 2 4 
0.0100 N HCl, 
0.0100 M CaClg 0.1 4.59 1.796 2.418 2.121 2.547 5.157 12.89 3.529 3.608 117.4 
0.0100 N HCl, 
0.0100 M CaCl- 0.1 4.55 1.789 2.422 2.116 2.552 5.202 12.97 3.492 3.610 117.9 
Table 6. (Continued) 
Solid pQ  ^ "*• 
Solution added, pH - 2 4 2 pOH + 
added* g./lOO ml. pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
0.0100 N HCl, 
0.0100 M CaCl^  1.0 4.69 1.795 2.441 2.120 2.572 5.082 12.71 3.630 3.632 116.1 
— 2 
0.0100 N HCl, 
0.0100 M CaClg 1.0 4.62 1.794 2.432 2.119 2.562 5.142 12.84 3.560 3.621 117.0 
0.0010 N HCl, 
0.0100 M CaClg 0.1 5.08 1.967 3.273 2.247 3.390 5.510 12.75 3.956 4.514 116.8 
0.0010 N HCl,  ^
0.0100 M CaCl, 0.1 5.02 1.959 3.285 2.241 3.401 5.581 12.88 3.899 4.521 117.6 
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and the individual values ranged from 115.4 to 117.8. The mean of the four 
values that were obtained for the high ratio systems that received the 
-4 10 N hydrochloric acid was 118.3, and the individual values ranged from 
117.3 to 118.8. Three of the values were - 118.3. 
Some of the other treatments in the experiment gave pH values and 
lime potentials similar to those exhibited by the systems that received 
-4 the 10 N hydrochloric acid. None of these gave negative logarithms of 
ion activity products for hydroxylapatite as large as those exhibited by 
-4 the systems that received the 10 N hydrochloric acid. Because of the 
facts given in this and the preceding paragraph, the results from the 
-4 
systems that received 10 N hydrochloric acid were ignored in developing 
an explanation of the results obtained in this experiment. 
-4 
The explanation for the results obtained with 10 N hydrochloric 
acid is not known. Perhaps the solution was contaminated with fluoride, 
or perhaps mercuric chloride was unintentionally omitted, with the conse­
quence that microbial growth occurred (no growth was noticed). Either 
error could result in the low solubilities observed. 
In Figure 4 results from all the systems except those which received 
-4 the 10 N hydrochloric acid are plotted. The horizontal dashed line 
represents the mean negative logarithm of the ion activity product for 
hydroxylapatite from the systems with a solid to solution ratio of 1.0 g./ 
100 ml. The negative logarithms of the ion activity product from these 
systems did not appear to change as the lime potential changed. The curved 
dashed line shows the trend of the negative logarithms of the ion activity 
product, from the systems with a solid to solution ratio of 0.1 g./lOO ml. 
The direction of the trend is the opposite of what would be expected if 
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Figure 4. Plot of the negative logarithm of the ion activity product for 
hydroxylapatite versus lime potential based on composition of 
solutions after equilibration with different quantities of 
hydroxylapatite. 
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the postulated surface complex were controlling the solubility. 
In general, the systems with the lower lime potentials are the systems 
in which the greatest amount of solid is dissolved. Results obtained in 
the preceding experiment indicate that at the lower lime potentials 
between 0.05 and 0.1 g. of solid dissolved per 100 ml. Results obtained 
in this experiment indicate that at the higher lime potentials about 0.01 
g. of solid dissolved per 100 ml. Therefore, it seems probable that at 
the higher solid to solution ratio < 10 percent of the solid dissolved in 
any of the systems. In the systems with the lower solid to solution 
ratio it seems probable that > 50 percent of the solid dissolved at the 
lowest lime potentials and about 10 percent dissolved at the highest lime 
potentials. 
One explanation of the results is that the hydroxylapatite used had 
a range of activities. The fact that the systems at the higher solid to 
solution ratio gave ion activity products that did not vary with the lime 
potential could be explained on the basis that such a small percentage of 
the solid was dissolved in any of the systems that the activity of the 
solid controlling the equilibrium remained essentially constant. The 
trend exhibited by the systems at the lower solid to solution ratio could 
be explained on the basis that as a greater percentage of the solid dis­
solved the activity of the hydroxylapatite controlling the equilibrium 
decreased. One would expect the crystals with the highest activities to 
dissolve faster than those with the lowest activities. Therefore, one 
would expect the activity of the crystals controlling the solubility of the 
hydroxylapatite to become lower as a greater percentage of the hydroxyl-
apatite dissolved. 
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A consequence of the hypothesis just described is that ion activity 
products calculated for hydroxylapatite from the composition of solutions 
equilibrated with different quantities of the solid should converge as the 
proportion of the solid dissolved approaches zero, i.e., at progressively 
higher values of the lime potential. The trend of the data in Figure 4 
conforms to this consequence of the hypothesis although the range was not 
great enough to determine whether convergence of the two lines actually 
occurred. The systems in the experiments for this thesis were adjusted 
to low pH values to reduce any effect carbon dioxide might have on the 
solubility. Because more hydroxylapatite dissolves at low pH values than 
at high pH values, it appears that measurements made at low pH values 
provide the most critical test of whether a hydroxylapatite possesses a 
solubility product constant. 
There is another possible explanation of the results. The possibility 
exists that enough fluoride was present to alter the surface of the 
hydroxylapatite to fluorapatite or a solid solution of hydroxylapatite and 
fluorapatite in systems with a low ratio of solid to solution but not in 
systems with a high ratio. 
The following calculations show that the possibility just suggested 
is not unreasonable. If 0.1 g. of hydroxylapatite is added to 100 ml. of 
a solution containing enough acid to give a final pH of 4, approximately 
0.04 g. of hydroxylapatite will remain per 100 ml. at equilibrium. If the 
2 
surface area of the hydroxylapatite is 60 m. /g., the solid at equilibrium 
2 
would have a surface area of approximately 2.4 m. /lOO ml. If one assumes 
that the unit cells of apatite are arranged so that their ^  plane is 
18 
exposed to the solution, 1.04 x 10 unit cells would be exposed to 100 ml. 
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of solution, and 6.57 x 10 ^  g. of fluoride would be required to convert 
this monolayer of unit cells of hydroxylapatite to fluorapatite. Calcula­
tions given in Part II of this thesis suggest that the amount of fluoride 
needed in solution to satisfy the equilibrium of fluorapatite at the pH 
values in question is negligible compared with that needed to convert the 
monolayer to fluorapatite. Only 0.11 percent fluoride in the 0.06 g. of 
hydroxylapatite dissolved during equilibration would supply all the 
fluoride needed to convert a monolayer of hydroxylapatite to fluorapatite 
in the 0.04 g. of solid remaining. If 1.0 g. of hydroxylapatite were 
added per 100 ml., a fluoride content of approximately 2 percent would be 
needed in the 0.06 g. of dissolved solid to convert the monolayer of unit 
cells exposed on the surface of the remaining 0.94 g• of solid to fluor­
apatite. Therefore, it is easy to visualize how the fluoride impurity 
might be of significance in systems containing a small amount of solid but 
not in systems containing a large amount of solid. 
Hydroxylapatite as the source of fluroide would be consistent with 
the results obtained in this experiment. A low solid to solution ratio 
and a low lime potential at equilibrium would be the conditions giving 
the smallest amount of solid surface and the maximum amount of fluoride 
per unit of surface area. These are the conditions giving the smallest 
ion activity products for hydroxylapatite. 
Water as a source of fluoride is also consistent with the results 
obtained in this experiment. Water would furnish a constant amount of 
fluoride to the systems, but the amount required to convert a monolayer 
of unit cells to fluorapatite would decrease as the solid to solution ratio 
decreased and the lime potential decreased. 
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Therefore, one would expect that if water were the source of fluoride 
the ion activity products for hydroxylapatite would decrease as the solid 
to solution ratio decreased and the lime potential decreased. Calcula­
tions indicate that the water used would have to be approximately 3.46 x 
_5 10 M in fluoride to change a monolayer of unit cells of hydroxylapatite 
to fluorapatite if the systems had an initial solid to solution ratio of 
0.10 g./lOO ml. and enough acid present to give an equilibrium pH of 
approximately 4. 
Fluoride Content of Materials Used in the 
Hydroxylapatite Solubility Experiments 
Introduction 
The objective of this experiment was to determine the fluoride con­
tent of the materials used in the previous experiments on hydroxylapatite 
solubility. The presence of a significant amount of fluoride in the 
hydroxylapatite or the water would provide evidence that the results of 
the preceding experiment were affected by fluoride. 
Results and discussion 
The results of the experiment are given in Table 7. The amounts of 
fluoride found in the solids are far below the estimated amounts needed 
to produce a monolayer of fluorapatite on the surface of the hydroxyl­
apatite. Even if all the fluoride in the hydroxylapatite were concentrated 
at the surface it does not appear that the ion activity product for 
hydroxylapatite should be affected significantly. 
The fluoride in the distilled water was estimated by boiling 800 ml. 
almost to dryness and then determining the fluoride remaining in the 
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Table 7. Fluoride contents of materials used in hydroxylapatite 
solubility experiments. 
Sample 
Fluoride in 
sample, yg. 
Percent of 
solid as fluoride 
Fluoride 
molarity 
1.0 g. hydroxylapatite 
1.0 g. hydroxylapatite 
plus 50 yg. fluoride 
1.0 g. KHgPO^  
1.0 g. KHgPO, 
plus 50 yg. fluoride 
1.0 g. CaCOg 
1.0 g. CaCOg 
plus 50 yg. fluoride 
80 ml. tap H^ O 
800 ml. distilled H^ O 
12 
59 
5 
53 
8 
61 
49 
5 
0.0012 
0.0009 
0.0005 
0.0003 
0.0008 
0.0011 
3.3 X 10 -5 
3.3 X 10 -7 
flask. The amount of fluoride in the distilled water also appeared to be 
too low to affect significantly the solubility of the hydroxylapatite. 
On the basis of the calculations given in the preceding experiment the 
concentration of fluoride in the distilled water would need to be 
approximately 100 times more concentrated to affect appreciably the 
hydroxylapatite solubility. 
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Solubility of Hydroxylapatite in Solutions Prepared with 
Purified Water and Double Distilled Perchloric Acid 
Introduction 
Work for this experiment was initiated prior to completion of the 
preceding experiment. It was completed despite the evidence given in 
the preceding experiment that fluoride contamination was not a significant 
factor in the previous hydroxylapatite solubility experiments. One 
objective of this experiment was to obtain conclusive evidence as to 
whether fluoride contamination was or was not a significant factor in 
the previous hydroxylapatite solubility experiments. 
If fluoride contamination is not the reason for the results obtained 
in the previous experiments, it appears that the results can be explained 
on the basis that the hydroxylapatite used had a range of activities. If 
the hydroxylapatite used had a range of activities, the solubility of the 
hydroxylapatite would be controlled by the crystals with the highest 
activity at the time of measurement. In other words, the solution present 
at the time of measurement would be supersaturated in relation to many of 
the crystals. Another objective of this experiment was to determine if 
a solution that was supersaturated with respect to the hydroxylapatite 
used in this work would remain supersaturated after being placed in con­
tact with the hydroxylapatite at 25° C. 
Procedure 
The water used in the experiment was obtained as follows. The 
distilled water piped to the laboratory was passed through an ion-exchange 
column. The water was then vacuum distilled two times and used to prepare 
the solutions. All the glassware and equilibration cells were rinsed with 
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the purified water prior to use. All the solids used in the experiment 
were the same as those found to have a low fluoride content in the pre­
ceding experiment. Double-distilled perchloric acid was used instead of 
the hydrochloric acid. The perchloric acid used was recommended by 
Brewer (1965) for use for fluorine determination. It is supposedly low 
in fluoride. The treatments used in the experiment are given in Table 8. 
The systems were equilibrated 56 days. 
Results and discussion 
The negative logarithms of the ion activity product for hydroxyl­
apatite given in the first eight entries in the table are similar to values 
obtained in previous experiments. The results of this experiment in which 
special precautions were taken to eliminate fluoride from the systems indi­
cate that fluoride was not a significant factor in the previous experi­
ments on hydroxylapatite solubility. 
The remaining four samples in Table 8 were initially supersaturated 
with respect to the hydroxylapatite investigated and remained supersaturated 
after 56 days of equilibration. The systems with the lower solid to solu-
tionratio had much higher solubilities after 56 days than the systems with 
the higher solid to solution ratio. It appears that even in the presence 
of crystals formed at higher temperatures a solution which is supersaturated 
in relation to hydroxylapatite at room temperature will remain in that state 
for a long time. The degree of supersaturation will probably depend upon 
the initial degree of supersaturation and the amount of hydroxylapatite 
present. 
Table 8. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite after equilibration of hydroxylapatite for 56 days with 
solutions prepared with purified water. 
Solution 
added* 
0.01 N HCIO, 
0.01 N HCIO, 
0.01 N HCIO, 
Solid 
added, pH - 1 pOH + 
g./lOO ml. pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
0.1 J 4.37 1.875 2.098 2.190 2.215 5.045 13.00 3.275 3.310 119.1 
0.1 I 4.35 1.872 2.093 2.187 2.210 5.060 13.03 3.256 3.304 119.4 
1.0 4.58 1.874 2.100 2.190 2.218 4.838 12.58 3.485 3.312 116.2 
0.01 N HCIO, 
2.5 x 10"4 N HCIO 
2.5 X 10"4 N HCIO 
2.5 X lOT^  N HCIO 
2.5 X 10 N HCIO, 
1.0 4.58 1.869 2.096 2.186 2.215 4.835 12.58 3.487 3.307 116.1 
0.1 5.76 3.170 3.397 3.300 3.455 4.895 11.46 4.110 5.105 118.2 
0.1 5.84 3.256 3.485 3.382 3.546 4.906 11.39 4.149 5.237 118.4 
1.0 5.74 3.038 3.233 3.177 3.294 4.754 11.33 4.152 4.883 116.3 
1.0 5.71 3.050 3.233 3.188 3.293 4.783 11.39 4.116 4.887 116.8 
*A11 solutions were 0.001 M in mercuric chloride. 
t 0.07 g. of hydroxylapatite/100 ml. was added later because all of that originally added had dissolved. 
1-3 drops of 70% HClO^  were added after approximately 4 weeks of equilibration because the 
systems were found to be at a high pH. , 
Table 8. (Continued) 
Solid pQ + 10 pCa + 
Solution added, pH - 2^4 2 pOH + 
added* g./lOO ml. pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
1.5_x 10"4 M KH-PO,, 
—I — / 4 
10 M CaCO_, 
pH adjusted to 
6 with 70% HCIO^  
and 0.5 N KOH.Ï 0.1 5.92 1.875 3 .829 2 .176 4.030 5.310 11.71 4.832 5.118 108.2 
0.1 6.08 2.033 4 .090 2 .299 4.291 5.411 11.65 4.930 5.441 108.7 
1.0 5.40 2.019 3 .579 2 .288 5.502 5.502 12.42 4.256 4.846 114.6 
1.0 5.32 2.013 3 .478 2 .284 3.597 5.477 12.48 4.178 4.739 115.1 
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Solubility of Hydroxylapatite at High Solid to Solution Ratios 
Introduction 
It was previously mentioned that if the hydroxylapatite used has a 
range of activities the solubility of the hydroxylapatite should be 
controlled by the portion of the solid with the highest activity at the 
time of measurement. As the percentage of the solid dissolved approaches 
zero, the activity of the solid controlling the solubility will approach 
the maximum activity of the solid present in the original sample. The 
activities of the solid controlling the solubility should be nearly the 
same in systems containing 1.0 g. or more of hydroxylapatite per 100 ml. 
of solution because only a small percentage of the hydroxylapatite will 
dissolve in these systems. Therefore, the ion activity product for 
hydroxylapatite in these systems should be nearly the same. Tb'^  objective 
of this experiment was to determine the ion activity product for hydroxyl­
apatite in systems containing 1.0 and 10.0 g. of hydroxylapatite per 100 
ml. of solution. 
Procedure _ 
The systems were equilibrated 14 days in the large equilibration 
cells. The treatments used in the experiment are given in Table 9. 
Results and discussion 
The negative logarithms of the ion activity product of hydroxylapa­
tite, given in Table 9, are similar at both solid to solution ratios. In 
preceding experiments the negative logarithm of the ion activity product 
of hydroxylapatite was higher for solutions equilibrated with 0.1 g. of 
solid per 100 ml. of solution than with 0.5 g. or 1.0 g. of solid per 
100 ml. of solution. In this experiment the negative logarithms of the 
Table 9. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in solutions equilibrated with 1.0 and 10.0 of hydroxyl­
apatite per 100 ml. of solution. 
Solution 
added* g./lOO ml. pH p[Ca] p[P] pCa pH^ PO^  pHPO^  PPO4 
pH -
1/2 pCa 
PHgPO^  + 
1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^  
H^ O 1.0 5.40 2.812 2.991 2.969 3.048 4.848 11.77 3.916 4.532 117.5 
HgO 1.0 5.40 2.819 2.991 2.975 3.048 4.848 11.77 3.912 4.535 117.6 
10.0 4.93 2.304 2.403 2.531 2.481 4.751 12.14 3.664 3.747 116.3 
HgO 10.0 4.96 2.337 2.430 2.558 2.506 4.746 12.11 3.681 3.758 116.3 
0.01 N HCl 1.0 4.71 1.994 2.183 2.282 2.288 4.778 12.39 3.569 3.429 115.7 
0.01 N HCl 1.0 4.71 2.016 2.183 2.300 2.285 4.775 12.38 3.560 3.435 115.9 
0.01 N HCl 10.0 4.59 1.933 2.019 2.239 2.129 4.739 12.47 3.470 3.248 116.0 
0.01 N HCl 10.0 4.59 1.940 2.005 2.246 2.114 4.724 12.45 3.467 3.237 116.0 
0.01 M CaCl„ 
— L 1.0 5.01 1.967 3.065 2.249 3.179 5.369 12.68 3.886 4.303 116.5 
0.01 M CaCl„ 
— I 1.0 5.01 1.967 3.061 2.249 3.175 5.365 12.68 3.886 4.300 116.5 
0.01 M CaCl-
— / 10.0 4.71 1.893 2.511 2.195 2.629 5.119 12.73 3.612 3.727 116.9 
0.01 M CaCl2 10.0 4.72 1.883 2.518 2.187 2.637 5.117 12.72 3.627 3.730 116.7 
*A11 solutions were 0.001 M in mercuric chloride. 
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ion activity product were actually slightly larger for the systems with 
10.0 g. of solid per 100 ml. of solution than for the systems with 1.0 g-
of solid per 100 ml. of solution in two of three possible comparisons. 
Figure 5 illustrates that the negative logarithms of the ion activity 
product for hydroxylapatite in this experiment are similar to those 
obtained for systems containing 1.0 g. of hydroxylapatite per 100 ml. of 
solution in the fourth experiment (Tables 4, 5, and 6). The average value 
obtained from systems with 1.0 g. of solid per 100 ml. of solution in the 
fourth experiment was 116.4. The average value obtained from similar 
systems in this experiment was 116.6. The average value obtained from 
systems with 10.0 g. of solid per 100 ml. of solution in this experiment 
was 116.4. 
Table 10 is a summary of the negative logarithms of the ion activity 
product for hydroxylapatite obtained in this experiment and in the pre­
ceding experiments in which such products were calculated. The data given 
in Table 10 indicate that the ion activity product for the hydroxylapatite 
used in this work was constant and equal to 10 at 25° C. if equili­
brium was approached from undersaturation and the solid to solution ratio 
was - 0.5 g./lOO ml. Data obtained in the fourth experiment suggested 
that the ion activity product for the hydroxylapatite used in this work 
would be constant and equal to 10 at solid to solution ratios < 0.5 g. 
/lOO ml. if the pH was high enough that only a small percentage of the 
hydroxylapatite dissolved. The fact that the average ion activity product 
for hydroxylapatite obtained from the systems with 0.1 g. of hydroxylapatite 
per 100 ml. of solution was 10 indicates that the true solubility 
product constant for hydroxylapatite, if one exists, is much smaller than 
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Figure 5. Solubility of hydroxylapatite in systems containing 1.0 and 10.0 
g. of solid per 100 ml. of solution in relation to solubility 
previously observed in systems containing 1.0 g. of solid per 
100 ml. of solution. 
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Table 10. Mean values of the negative logarithm of the ion activity 
product for hydroxylapatite obtained in this work from solu­
tions that approached equilibrium from undersaturation in 
contact with different quantities of hydroxylapatite. 
Source of data 
Hydroxylapatite 
added, 
g./lOO ml. 
Number 
of samples 
Mean value 
of 10 pCa + 
2 pOH + Ô pPO 
Tables 3, 4, 5, 6, and 8 0.1 
Table 3 0.5 
Tables 4, 5, 6, 8, and 9 1.0 
Table 9 10.0 
38 
6 
38 
6 
118.4 
116.4 
116.4 
116.4 
-113.7 the value of 10 * given by Lindsay and Moreno (1960) or the values 
10-114.26 q^-116.56 Clark (1955). 
The experimental data obtained in this work are consistent with the 
hypothesis that the hydroxylapatite used possessed a range of activities. 
Perloff and Posner (1960) reported that all methods previously preposed 
for synthesizing hydroxylapatite produced either poorly crystallized or 
somewhat impure products. They claimed their method produces a relatively 
pure and well crystallized product. Therefore, because hydroxylapatite 
formed by the method of Perloff and Posner has not been used in solubility 
experiments to the author's knowledge, it appears likely that the reason 
a solubility product constant has not been obtained for hydroxylapatite 
is that all the solubility experiments have been conducted on hydroxyl­
apatite in metastable states. 
The method of Perloff and Posner (1960) was not used in this work 
because it calls for the use of a hydrothermal bomb which was not available 
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to the author. However, the experiments reported in this work on hydroxy1-
apatite solubility suggest that a well-crystallized hydroxylapatite, such 
as that supposedly formed by the method of Perloff and Posner, would 
exhibit a constant ion activity product at any solid to solution ratio at 
25° C. if equilibrium was approached from undersaturation in the absence 
of certain ions. 
Solubility of Hydroxylapatite in the Presence of 
Ammonium Oxalate, Aluminum Nitrate, Ferric Chloride, 
and Manganous Chloride 
Introduction 
Levinskas and Neuman (1955) stated that it is clear that it is the 
presence of ions "foreign" to the hydroxylapatite lattice that determine 
the solubility of bone mineral in the living animal. They mentioned that 
sodium, citrate, and bicarbonate ions had been observed to increase the 
solubility of hydroxylapatite. They stated that it is reasonable to 
suppose that magnesium and ester phosphate compounds also increase the 
solubility of bone mineral. 
In the second experiment in Part II of this thesis it was observed 
that slightly acidic solutions that had been boiled in the presence of a 
phosphate rock from Florida were undersaturated with respect to hydroxyl-
HA 
apatite according to the pKgp value given by Lindsay and Moreno (1960) 
after equilibration for 16 days at 25° C. The solutions became super­
saturated with respect to hydroxylapatite when allowed to equilibrate for 
78 more days. The systems were boiled again and the solutions were again 
found to be undersaturated in relation to hydroxylapatite. However, after 
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equilibration at 25° C. for a long time they were again supersaturated 
in relation to hydroxylapatite. One possible explanation of these obser­
vations is that there were ions "foreign" to hydroxylapatite or fluorapa­
tite present in the systems that reacted at 25° C. with the fluorapatite 
or hydroxylapatite in the systems to form new materials. 
The objective of this experiment was to determine ion activity 
products for hydroxylapatite from solutions in contact with hydroxylapa­
tite and containing different cations and anions that might affect the 
solubility of hydroxylapatite. More experiments of this type on hydroxyl­
apatite and fluorapatite perhaps would have been of help in gaining an 
understanding of the solubility of phosphate rocks, but time did not allow 
the work to be done. 
Procedure 
The systems in this experiment were equilibrated in polyethylene 
bottles and were filtered under 2 atm. of pressure. A solid to solution 
ratio of 0.1 g. of hydroxylapatite per 100 ml. of solution was used. The 
pH measurements were made on the supernatant solution. An attempt was 
made to keep the systems free of carbon dioxide. Techniques used to do 
this were similar to those used in the first experiment. 
The systems were equilibrated for 87 days. The treatments used in 
the experiment are given in Table 11. No sterilizing agent was added to 
the systems. However, no microbial growth was observed in the systems. 
There is evidence that calcium and oxalate form ion pairs in solu­
tions (Money and Davies, 1932). The dissociation constant for the ion 
pair at 25° C. was estimated to be equal to 0.001 by Money and Davies. 
Therefore, the equation giving the activity of the calcium-oxalate ion 
Table 11. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in solutions after 87 days of equilibration with 
hydroxylapatite.-; 
pH PO +  ^Solution pH - 2^ 4 2 pOH + 
added* pH p[Ca] p[P] pCa pH^ PO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  
HgOÏ 5.93 3.095 3.299 3.191 3.358 4.628 11.020 4.334 4.954 114.2 
0.0001 M (m^)^C^O^ ^ 28 3.151 3.340 3.249 3.434 4.354 10.390 4.655 5.059 110.3 
0.0001 M (NH^)2C20^ 6.20 3.151 3.329 3.248 3.412 4.412 10.530 4.576 5.036 111.3 
0.0010 M (NH^ )2C20^  7.48 3.523 3.621 3.633 4.177 3.897 8.737 5.664 5.993 101.8 
0.0010 M (NH^ )2C20^  7.38 3.515 3.621 3.624 4.109 3.929 8.869 5.568 5.921 102.7 
0.0001 M Al(NO^ )^  5.92 3.018 3.269 3.123 3.332 4.612 11.010 4.359 4.894 113.5 
— J J 
0.0001 M AltNOg)^  5.86 3.019 3.282 3.123 3.340 4.680 11.140 4.299 4.902 114.4 
0.0010 M AKNO^ )^  5.50 2.632 3.202 2.781 3.266 4.966 11.790 4.109 4.657 115.5 
0.0010 M A1(N0_) 5.42 2.636 3.196 2.785 3.257 5.037 11.940 4.028 4.649 116.6 
*A11 solutions were 0.001 ^  in hydrochloric acid. 
A^verage of six replications. 
îo.l g. of hydroxylapatite added per 100 ml. of solution. 
Table 11. (Continued) 
pH PO +  ^Solution pH - 2^4 2 pOH + 
pH p[Ca] p[P] pCa pHgPO^  pHPO^  pPO^  1/2 pCa 1/2 pCa 6 pPO^  added* 
0.0001 M FeClg 5.88 3.009 3.266 3.114 3.326 4.646 11.09 4.323 4.883 113.9 
0.0001 M FeClg 5.80 3.010 3.266 3.115 3.321 4.721 11.24 4.243 4.878 115.0 
0.0010 M FeCl- 5.32 2.595 3.148 2.750 3.208 5.088 12.09 3.945 4.583 117.4 
— j 
0.0010 M FeClg 5.38 2.595 3.148 2.750 3.210 5.030 11.97 4.005 4.585 116.6 
0.0001 M MnCl^  5.87 3,056 3.307 3.156 3.364 4.694 11.14 4.292 4.942 114.7 
0.0001 M MnCl- 5.82 3.061 3.316 3.160 3.370 4.750 11.25 4.240 4.949 115.4 
— 2 
0.0010 M MnCl^  5.70 2.745 3.290 2.879 3.355 4.855 11.48 4.260 4.795 114.2 
0.0010 M MnClg 5.62 2.752 3.299 2.885 3.359 4.939 11.64 4.178 4.802 115.4 
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pair (^CaCgO^) 25° C. is 
C^aC.O, = 10^  ' ^Ca ' *C_0. . (24) 
2 4 2 4 
The solubility product constant for calcium oxalate was taken to be 
-9 2.57 X 10 . It was assumed that the solutions that had received oxalate 
were saturated with calcium oxalate. The value for the activity of the 
+3 -9 
calcium-oxalate ion pair was calculated to be 10 x 2.57 x 10 = 2.57 x 
- 6  10 mole/1. The concentration of the calcium-oxalate ion pair was 
assumed to be equal to its activity. The concentration of the calcium-
oxalate ion pair was then taken into account in estimating the activity 
of the calcium. 
Results and discussion 
Table 11 indicates that the average negative logarithm of the ion 
activity product for hydroxylapatite in the systems that received only 
the hydrochloric acid solution was slightly lower than the values observed 
from similar systems in the preceding experiments. The difference between 
the results obtained with the control systems in this experiment and the 
results obtained with similar systems in preceding experiments perhaps is 
accounted for by the difference in methods of obtaining solutions for 
analysis, the difference in methods of determining calcium, and differences 
in other factors such as temperature that might have existed at the differ­
ent times of equilibration. 
The negative logarithms of the ion activity product for hydroxyl­
apatite in the systems that received aluminum nitrate, ferric chloride, 
or manganous chloride were similar to those obtained in the systems that 
received only hydrochloric acid solution. The systems that received the 
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highest concentrations of iron and aluminum did give slightly higher values 
than the control systems. This observation, however, may be accounted for 
on the basis that the iron and aluminum precipitated some phosphate, which 
then permitted more hydroxylapatite to dissolve and caused the activity 
of the residual hydroxylapatite to be lower than it otherwise would have 
been. 
The presence of ammonium oxalate appeared to increase the solubility 
of the hydroxylapatite. There is no apparent reason to believe that the 
much smaller negative logarithms of the ion activity product for hydroxyl­
apatite calculated for the systems that received ammonium oxalate are due 
to error that resulted because of the presence of ammonium and oxalate 
ions. The formation of calcium-oxalate ion pairs was taken into account. 
Ammonium oxalate at concentrations far above those encountered in this 
experiment had no effect on the amount of phosphorus found in solutions by 
the method used. Furthermore, it is unlikely that error in the calcium 
determination, pH measurement, or filtration process could account for 
the large differences in hydroxylapatite solubility between the systems 
containing ammonium oxalate and those containing a hydrochloric acid 
solution only. 
Oxalic acid and the oxalate ions will decompose under certain con­
ditions. Decomposition of oxalic acid or the oxalate ions after precipi­
tation of calcium oxalate would result in the dissolution of the calcium 
oxalate and could result in supersaturation of the solution with respect 
to hydroxylapatite. Formation of the carbonate ion through decomposition 
of oxalic acid or the oxalate ions could also affect the solubility of 
hydroxylapatite. However, under the conditions used in this experiment 
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it seems unlikely that an appreciable amount of the total oxalate added 
would decompose. 
Therefore, it appears that either ammonium or oxalate ions or both 
reacted with the hydroxylapatite to produce a material that exhibited an 
ion activity product much larger than that observed for hydroxylapatite 
in the absence of ammonium oxalate. According to Van Wazer (1958), one 
hypothesis that has been proposed to account for carbonate in apatite is 
that carbonate and, perhaps, bicarbonate ions are sorbed on the surface, 
primarily by exchange with phosphate. Stoll and Neuman (1958) stated 
that both sodium and carbonate ions are incorporated in the surface of 
hydroxylapatite crystals by ion-exchange processes. Olsen et al. (1960) 
stated that results of their work implied that the carbonate ion can dis­
place the monohydrogen orthophosphate ion from the crystal lattice of 
calcium phosphates. As was stated previously, Lehr (1967) stated that 
potassium has shown little tendency to replace calcium in sedimentary 
apatites. The ammonium ion has the same charge and about the same size 
as the potassium ion, and therefore it seems unlikely that the ammonium 
ion would have much tendency to replace calcium in apatite. The impli­
cation of this argument is that if the results obtained in this experiment 
were due to replacement of ions at the surface of the apatite, it is 
probable that the oxalate ion was the principal ion involved. 
If oxalate can replace phosphate at the surface of hydroxylapatite 
crystals, the solution phase might become supersaturated with respect to 
hydroxylapatite because of release of phosphate ions. The sixth experiment 
in this part of the thesis showed that a solution supersaturated in rela­
tion to hydroxylapatite can remain in that state for a long time at 25° C. 
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even in the presence of solid hydroxylapatite. The process postulated 
here offers one possible explanation of the fact that the solutions that 
contained ammonium oxalate became supersaturated in relation to hydroxyl­
apatite after contact with hydroxylapatite. 
The experiment reported here and statements made in the literature 
by other workers suggest that there may be several ions that react in some 
way with hydroxylapatite to cause it to exhibit at 25° C. an ion activity 
product much larger than the one normally exhibited. If several ions do 
react in such a manner with hydroxylapatite, one would expect that even a 
well crystallized hydroxylapatite would seldom if ever exhibit a constant 
ion activity product in a natural system. 
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SUMMARY 
The solubility of hydroxylapatite in 0.165 m potassium chloride was 
measured in the first experiment. The results suggested that the solu­
bility of the hydroxylapatite increased as the solid to solution ratio 
increased regardless of whether the surface complex postulated by Rootare 
et al. (1962) or hydroxylapatite per se was assumed to be controlling the 
solubility. However, there was evidence that the difference between solid 
to solution ratios might be due entirely or in part to error. 
In the second experiment, solutions that were placed in contact with 
hydroxylapatite and fluorite exhibited a constant ion activity product 
for fluorapatite after 105 days of equilibration at 25° C. In the third 
and fourth experiments, ion activity products for hydroxylapatite were 
calculated from measurements on solutions in contact with different amounts 
of hydroxylapatite. The systems containing 1.0 g. of hydroxylapatite per 
100 ml. of solution yielded what appeared to be a constant value of 116.4 
for the negative logarithm of the ion activity product of hydroxylapatite. 
The systems containing 0.5 g. of hydroxylapatite per 100 ml. of solution 
also gave an average value of 116.4 for the negative logarithm of the ion 
activity product of hydroxylapatite. The systems to which 0.1 g. of 
hydroxylapatite was added per 100 ml. of solution yielded negative 
logarithms of the ion activity product of hydroxylapatite that were for 
the most part larger than 116.4 and that appeared to approach the value 
of 116.4 as the pH increased. The conclusion from these experiments was 
that the results were due to either (1) the presence of fluoride in the 
systems as a contaminant or (2) the use of a hydroxylapatite with a range 
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of activities. No evidence was obtained in support of the surface complex 
postulated by Rootare et al. (1962). 
In the fifth experiment, the fluoride contents of different materials 
used in the hydroxylapatite solubility experiments were measured. The 
fluoride contents were found to be far below the estimated amounts needed 
to affect significantly the solubility of hydroxylapatite. 
In the sixth experiment, the solubility of hydroxylapatite was 
measured in solutions prepared in such a manner as to keep the fluoride 
content very low. The solutions which approached equilibrium from under-
saturation exhibited solubilities similar to those observed in the previous 
experiments. The negative logarithms of the ion activity product for 
hydroxylapatite were higher at the solid to solution ratio of 0.1 g./lOO ml. 
than at the ratio of 1.0 g./lOO ml. The solutions that were prepared in 
such a manner that equilibrium was approached from supersaturation exhibited 
negative logarithms of the ion activity product of hydroxylapatite con­
siderably less than 116.4 after 56 days of equilibration. 
In the seventh experiment, the solubility of hydroxylapatite in 
systems containing 1.0 and 10.0 g. of hydroxylapatite per 100 ml. of solu­
tion was compared. There did not appear to be any significant difference 
in the solubility at the two solid to solution ratios. 
A summary of all the hydroxylapatite solubiltiy experiments approach­
ing equilibrium from undersaturation in this work was prepared at the end 
of the seventh experiment. The summary showed that the average negative 
logarithm of the ion activity product for hydroxylapatite was 116.4 for 
the systems that received either 0.5, 1.0, or 10.0 g. of hydroxylapatite 
per 100 ml. of solution. The average value for the systems that received 
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0.10 g. of hydroxylapatite per 100 ml. was 118.4. Therefore, the results 
indicate that the ion activity product for the hydroxylapatite used in 
this work is constant and equal to 10 at 25° C. if the solid to 
solution ratio is high enough and equilibrium is approached from under-
saturation. The results are in agreement with the hypothesis that the 
hydroxylapatite used in this work had a range of activities. According 
to the data obtained in this work one would expect that if a solubility 
product constant exists for a well crystallized hydroxylapatite it would 
be considerably smaller than the ion activity products that have been 
reported for hydroxylapatite to date. 
In the final experiment reported in this part of the thesis, negative 
logarithms of the ion activity product for hydroxylapatite were calculated 
from measurements on solutions in contact with hydroxylapatite and con­
taining ammonium oxalate, aluminum nitrate, ferric chloride, or manganous 
chloride. The negative logarithms obtained in the presence of ammonium 
oxalate were below the controls. The negative logarithms obtained in the 
presence of the other salts were similar to the controls. 
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PART II. SOLUBILITY OF SOME PHOSPHATE ROCKS 
83b 
REVIEW OF LITERATURE 
Nature of Phosphate Rocks 
The principal phosphatic substances in phosphate rocks are minerals 
of the apatite class. The phosphate rock that is used for direct applica­
tion as a phosphorus fertilizer is concentrated by washing and flotation 
and is finely ground but otherwise is untreated (Nelson, 1966). 
According to Van Wazer (1958), the formula that has generally been 
used for the apatites is M^QX2(R0^)g where M equals calcium, lead, sodium, 
potassium, strontium, manganese, zinc, cadmium, magnesium, divalent iron, 
aluminum, carbon as carbonate, water, and the rare earths; X equals fluor­
ide, hydroxide, chloride, bromide, and, perhaps in certain cases, oxygen; 
and RO^ equals the orthophosphate, arsenate, vanadate, sulfate, and 
silicate ions. 
According to Beevers and Mclntyre (1946), the unit cell of fluorapa-
O 
tite has two equal axes of length 9.37 A inclined at 120 degrees to one 
another. The third axis is at a right angle to the two equal axes and 
O 
is 6.88 A long. Young and Elliot (1966) discussed the arrangement of 
atoms in the unit cells of different apatites. 
Most analyses of phosphate rocks have shown a ratio of fluorine to 
phosphorus in excess of that required for fluorapatite. Chaverri and 
Black (1966) stated that this finding has led to the view that calcium 
fluoride is present as an accessory constituent in phosphate rocks. 
Philipson (1963) attempted to determine if the fluoride present in phos­
phate rocks was actually present in the apatite lattice or was present 
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as a separate identity. He dissolved samples in 1 M acid and determined 
the phosphorus, calcium, magnesium, fluorine, sodium, potassium, and 
sulfate in the solutions and the carbon dioxide expelled from each of the 
solutions. Philipson also determined the consumption of protons by the 
samples by expelling the carbon dioxide after adding the acid and then 
titrating the samples with base to a pH of 4.48. At this pH and at the 
ionic strength used each phosphorus atom would be associated with an 
average of two protons. The moles of hydroxide ions present in the apa­
tite lattice of a sample were taken to be equal to the total moles of 
protons consumed minus 2 times the moles of phosphorus and carbon 
dioxide present in the sample. 
Philipson found that the moles of lattice hydroxide ions calculated 
in this way were equivalent, within experimental error, to one-third of 
the moles of phosphorus present in 13 of 14 samples investigated. 
Furthermore, he found that the calcium present in excess of that needed 
to satisfy all the phosphorus present as hydroxylapatite was equivalent 
to the sum of the fluoride and carbonate present in the same 13 of 14 
samples investigated. Philipson concluded that many of the naturally 
occurring apatitic materials should be regarded as hydroxylapatite in 
which calcium, fluoride, and carbonate have been adsorbed in some way. 
Alden and Lindqvist (1964), using the same samples used by Philipson, 
tried to obtain by X-ray studies some supplementary evidence to support 
Philipson's conclusion. Large variations in unit cell dimensions, not 
only along the a-axis but also to a smaller extent along the c-axis, were 
found for the samples. The variations in the a-dimension appeared to be 
related to the fluoride and carbonate content. According to Alden and 
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Lindqvist, the variations in the unit cell dimensions indicate that the 
apatitic material in phosphate rocks is not simply hydroxylapatite with 
fluorite and carbonate adsorbed on its crystals. 
Van Wazer (1958) mentioned that at that time there were three hypothe­
ses about the nature of carbonate-bearing apatites. One hypothesis was 
that carbonate and, perhaps, bicarbonate ions are sorbed on the surface 
primarily by exchange with phosphate. Another hypothesis was that 
carbonate substituted for phosphate throughout the crystal lattice and 
that water molecules replace calcium ions in the apatite structure in 
order that the planar carbonate ion may replace the tetrahedral phosphate 
groups in the structure and yet keep the positive and negative charges 
balanced. The other hypothesis was that carbonate-bearing apatites are 
simple admixtures of calcium carbonate with hydroxy1- or fluorapatites. 
Van Wazer stated that at that time the sorption, theory appeared to give 
the best explanation of the knoïm facts. 
Considerable work has been done on carbonate-bearing apatites since 
1958. For example, Simpson (1965) found that the a-axis length of a 
O 
synthetic hydroxylapatite was 9.42 A and that of a carbonate apatite 
O 
(2.29% CO2) was 9.43 A. He mentioned that carbonate apatite is character­
ized by a deficiency in both phosphorus and calcium compared with 
hydroxylapatite and that substitution of carbonate ions for phosphate ions 
coupled with substitution of hydronium ions for calcium ions could easily 
explain these differences. Chakravorty and Ghosh (1966) investigated 
four phosphate rocks with infared spectroscopy. They felt that formation 
of carbonate apatite occurred by the replacement of fluoride or hydroxide 
ions by carbonate ions in the apatite lattice and that the four phosphate 
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rocks examined were fluorapatite with partial formation of carbonate 
apatite. 
Probably the most extensive investigation ever made on the chemical 
nature of phosphate rocks has recently been reported by Lehr et al. (1967b) 
and Lehr (1967). These workers used chemical analysis, optical and 
electron microscopy. X-ray diffraction, and infrared spectroscopy to 
investigate over 100 samples from almost every known deposit in the world. 
All the samples were treated with Silverman's solution in the manner 
described by Smith and Lehr (1966). Silverman's solution is supposed to 
remove the carbonate not in the apatite lattice. The carbonate remaining 
after the treatment with Silverman's solution was considered lattice 
carbonate. The molar ratio of calcium plus magnesium plus sodium to 
lattice carbon plus phosphorus in the treated samples was close to 1.67. 
A good relationship was found between the sum of magnesium and sodium in 
the apatite and the lattice carbonate. It appeared that about 6 percent 
of the calcium had been replaced at the highest level of carbonate sub­
stitution, at which the mole ratio of carbon to phosphorus was 0.3. 
Moreover, a highly significant correlation was found between the moles of 
carbonate plus fluoride per ten moles of calcium and the length of the 
a-axis as determined by X-ray analysis. Crystallite sizes of the apatites, 
which were determined from the broadening of selected diffraction peaks in 
the X-ray powder patterns, decreased with increasing substitution of 
carbonate, sodium, and magnesium. The size trend was verified by electron 
microscope examinations. 
Infrared spectra were also obtained for the samples after they had 
been extracted by the modified Silverman procedure. A "CO^ index," 
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defined as the ratio of the average intensity of the 1453 and 1420 
cm ^ carbon-oxygen absorption band to the intensity of the 602 cm 
phosphorus-oxygen absorption band, and was calculated for each sample. 
The carbon-oxygen absorption bands used were significantly different 
than any present in calcite, dolomite, or aragonite. A linear relation­
ship was found between the "CO^ index" and the unit-cell dimension as 
determined by X-ray diffraction. 
In the extracted samples not excessively contaminated with occluded 
colloidal impurities, which are a source of error in measurements of 
refractive indexes, the refractive indexes were found to decrease linearly 
with an increase in the mole ratio of carbonate to phosphate. Moreover, 
the unit-cell dimensions of the carbonate apatites changed regularly 
during calcination and approached those of fluorapatite. Most of the 
recrystallization was found to occur just above 800° C., after most of the 
carbon and excess fluorine had been evolved. 
Lehr (1967), after completing the work summarized in the preceeding 
paragraphs, stated that it appeared that the compositions of sedimentary 
apatites could be expressed for all practical purposes by the generalized 
formula (Ca, Na, Hg)^^(P0^)^g_^^(C02)^Fy(F,0H)2 in which y ranges from 
0.33 X to 0.5 X. According to Lehr the electrostatic unbalance resulting 
from substitution of planar carbonate ions for tetrahedral phosphate ions 
is only partially corrected by substitution of fluoride ions in vacant 
oxygen sites, so that a coupled monovalent cation substitution for calcium 
is indicated. Lehr stated that because the sedimentary apatites were 
formed in marine environments, the cations most readily available as 
replacements for calcium were probably sodium, potassium, and magnesium. 
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He mentioned that potassium has shown little tendency to replace calcium 
and suggested that the relatively large size of the potassium ion is 
responsible. The ionic radius of potassium is 30 percent larger than 
that of calcium. Lehr stated that fluorapatite and its carbonate-
substituted varieties are the major constituents of most commercial 
phosphate rocks and that hydroxylapatite and apatites with compositions 
intermediate between fluor- and hydroxylapatite are found only occasion­
ally in sedimentary deposits and in metamorphic apatites. 
Sauchelli (1965) stated that among the so-called impurities present 
in the phosphate ores are calcite, dolomite, pyrite, limonite, quartz, 
clay and organic substances. Lehr (1967) stated that over 25 elements have 
been reported to occur in apatites, and the major accessory minerals are 
quartz, carbonates, feldspars, and heavy minerals. According to Lehr 
pétrographie examination shows these minerals are usually present as 
discrete free mineral grains. Apatite particles frequently are stained 
by inclusions of finely divided iron oxides, carbonaceous matter, and 
fossil organic pigments, and usually contain also colorless inclusions 
of clays, opal silica, and diatom frustules. 
Caro and Hill (1956) stated that phosphate rocks are composed of 
aggregates of very small grains that are several orders of magnitude 
smaller than the aggregate dimensions and that these constituent grains 
are not agglomerated in a uniform manner. Hill et al. (1954) estimated 
the average dimensions of elementary grains from X-ray diffraction measure­
ments and from surface area measurements on fine samples. For the nine 
phosphate rocks examined the range of the estimated average grain diameters 
was from approximately 0.25 micron to > 1.0 micron. Lehr et al. (1967b) 
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stated that the carbonate apatite in most sedimentary phosphate rocks is 
microcrystalline with the individual grains ranging in diameter from 0.02 
micron to 0.2 micron. They mentioned that the individual grains occur in 
a number of varieties of complex aggregates. 
Hill et al. (1954) measured the surface area of different phosphate 
rocks of 100 to 150 mesh size and obtained a range of values from 0.6 to 
2 19.4 m. /g. Uniform nonporous spheres of the same density and the same 
mesh size would have a surface area much smaller than either of the above 
figures. Hill et al. also ground samples of seven phosphate rocks to 
different mesh sizes and measured the surface area of the samples. The 
surface areas of two samples, from Morocco and Florida, increased approxi­
mately one-fourth as the particle size decreased from that passing through 
a 100-mesh sieve to that passing through a 325-mesh sieve. The surface 
areas of the remaining five phosphate rocks examined changed much less with 
the same decrease in particle size. Hill et al. (1954) measured the 
average apparent particle density of ten phosphate rocks and found that it 
3 3 
ranged from 2.75 g./cm. to 3.19 g./cm. 
Agronomic Studies 
Caro and Hill (1956) obtained correlations for seven laboratory 
measurements on phosphate rocks with yield of alfalfa on three acid soils 
fertilized with 100- to 150-mesh phosphate rocks. The measurements made 
were, given in the order of the highest correlation coefficient to the 
lowest, bound carbon dioxide content (r = 0.90), citric acid-soluble 
phosphorus, ammonium citrate-soluble phosphorus, particle density, particle 
weight, readily exchangeable phosphorus, and surface area (r = 0.60). 
90 
The bound carbon dioxide content was determined by the method of Silverman 
et al. (1952). Armiger and Fried (1957) conducted greenhouse experiments 
with buckwheat and alfalfa in which ten phosphate rocks were compared as 
sources of phosphorus. In their opinion, the differences in carbonate 
content provided the most likely explanation for the differences in 
agronomic value of all but one of the phosphate rocks they examined. 
Caro and Freeman (1961) investigated the size distribution of pores 
in three phosphate rocks that had previously been found to be of different 
degrees of effectiveness in supplying phosphorus to plants. They stated 
that in general their findings indicated that the volume of pores less than 
O 
500 to 600 A in diameter is a better index of effectiveness than the total 
volume of pore space. 
Several agronomists have investigated the possibility of a relation­
ship between the fluoride content of phosphate rocks and the availability 
of their phosphorus to plants. Bartholomew (1935) found a negative 
correlation between phosphorus found in the plants and fluoride added to 
the soil in the phosphate rocks. Bennet et al. (1957), Gisiger and Pulver 
(1959), and Munk (1960) all found that the efficiency of phosphate rocks 
as phosphorus fertilizers was independent of their fluoride content. 
Solubility Product Studies 
Chaverri (1962) investigated the solubility of a sample of phosphate 
rock from Florida. He assumed the apatite in the sample was hydroxyl-
fluorapatite with the formula Ca^Q(OH) where x - 0 and - 2. 
According to the initial theory proposed by Chaverri, a plot of (1/2 pCa + 
pH^PO^) versus (pH - 1/2 pCa), both quantities being obtained from measure­
ments on solutions in equilibrium with solid hydroxylfluorapatite, should 
91 
give a straight line lying to the undersaturated side of the straight 
line representing hydroxylapatite. Chaverri mentioned the line for the 
hydroxylfluorapatite would lie close to the hydroxylapatite line if x was 
near zero and would move progressively away from the hydroxylapatite line 
as X increased from values near zero to those near two. He felt that for 
a series of hydroxylfluorapatites with different x values one would obtain 
a series of straight lines. 
Chaverri (1952) found that a plot of (1/2 pCa + pH^PO^) versus 
(pH - 1/2 pCa) did not give a straight line lying to the left of the 
hydroxylapatite line. Instead, the points were scattered from the under-
saturated side of the fluorapatite plus fluorite line to the supersaturated 
side of the hydroxylapatite line. The points that were nearest the fluor­
apatite line represented the solutions with the lowest pH, and those near 
the hydroxylapatite line represented the solutions with the highest pH. 
Chaverri hypothesized that fluoride ions replaced hydroxide ions to an 
increasing degree as the pH decreased, and as a result the mole fraction of 
fluorapatite increased on the surface of the apatite particles, which con­
trolled the solubility. The increase in fluorapatite then caused the 
points representing the solutions of low pH to lie near the line for fluor­
apatite plus fluorite. 
Fassbender et al. (1966) investigated the solubility of hydroxyl­
apatite and some phosphate rocks. They found that the quantity (5 pCa + 
3 pPO^ + pOH) was pH-dependent for all the phosphates investigated. The 
quantity decreased with decreasing pH. Fassbender et al. gave the follow­
ing order of solubility for the phosphates they investigated: hydroxyl­
apatite > Gafsa phosphate > Hyper phosphate > Peru phosphate > Morocco 
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phosphate > calcined Peru phosphate > calcined Hyper phosphosphate > 
Kola phosphate. 
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INITIAL THEORY 
In this section a theory for the solubility of the apatitic consti­
tuent of phosphate rocks is developed under the assumptions that it is 
(1) a mixture of hydroxylapatite and fluorapatite or (2) a solid solution 
of the two. Consideration is first given to the solubility of hydroxyl­
apatite and fluorapatite assuming immiscibility of the apatites and 
absence of fluorite. This discussion is followed by a discussion of the 
solubility of hydroxylapatite and fluorapatite assuming immiscibility of 
the apatites and presence of fluorite. The solubility of hydroxylapatite 
and fluorapatite assuming complete miscibility of the apatites and absence 
of fluorite is then discussed. Finally the solubility of hydroxylapatite 
and fluorapatite assuming complete miscibility of the apatites and presence 
of fluorite is discussed. 'The conclusion is reached that, in the pH -
1/2 pCa range of interest and with the pF values that probably occur in 
solutions in equilibrium with phosphate rocks, the solubility of the 
apatitic constituent at a stable equilibrium should be restricted by the 
solubility-product constant of fluorapatite regardless of whether the 
apatites are miscible, immiscible, saturated with fluorite, or not saturated 
with fluorite. 
The possibility of different phosphate rocks exhibiting different 
solubilities because of the attainment of different metastable equilibrium 
states is discussed. The possible effect of ions "foreign" to the fluor­
apatite lattice upon fluorapatite solubility is also discussed-
Experimental difficulties associated with systems not saturated with 
fluorite are discussed. Some disadvantages of estimating the 
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solubility-product constant for fluorapatite with the aid of the solu­
bility-product constant of fluorite are then discussed. 
If hydroxylapatite is placed in an aqueous solvent, one might reason­
ably expect the following equilibrium to be established: 
+ -V(l) + ™(aq) + 
where ^  represents solid, 1_ represents liquid, ^  represents aqueous, and 
» indicates that the activity of the water is not changed significantly by 
dissolution of the solid. The equilibrium constant (K^^) for the reaction 
at a given temperature and pressure is 
» _ 10 . 2 . 6 
^ ^Ca ^OH ^PO, (26) 
-4 
^HA 
where £ represents activity, M represents hydroxylapatite, and the charge 
signs are omitted from the ion symbols. The numberator of the right side 
of the equation is the ion activity product for hydroxylapatite. If the 
hydroxylapatite is pure and well crystallized, the product of a^^ and 
is probably a constant value at a given temperature and pressure. If this 
is true, the ion activity product is called the solubility product or 
solubility-product constant. If the standard state for hydroxylapatite is 
chosen so that a^ for the pure and well-crystallized solid is unity at 
the temperature and pressure in question, the solubility-product constant 
is of course equal to the equilibrium constant. 
A similar equilibrium would be expected if fluorapatite is placed 
in an aqueous solvent. The equilibrium constant (K^^) at a given tempera­
ture and pressure for the reaction is 
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^ _ 10 . 2 . 6 
SA ^Ca ^ ^PO. 
4 
^A (27) 
where FA represents fluorapatite. According to Lindsay and Moreno (1960), 
p 
the solubility-product constant (Kgp) for fluorite under 1 atm. pressure 
and at 25° C. is 10 If a fluorapatite system under 1 atm. pressure 
and at 25° C. is also saturated with fluorite. Equation 27 can be 
written as 
KpA = aca ' ' 
4 
^FA (28) 
If the fluorapatite is pure and well crystallized, the numerator on the 
right side of Equation 28 should be equal, under the conditions mentioned, 
to the solubility-product constant for fluorapatite. 
Suppose hydroxylapatite and fluorapatite are immiscible and that 
fluorite is not present in the systems being discussed. If hydroxyl­
apatite and fluorapatite are in equilibrium with a solution, the ionic 
activities in the solution should simultaneously give the solubility 
product constants of both the solids. On the two-dimensional plot used 
in Part I, these activities should result in a point that lies on the 
hydroxylapatite line. 
In the work reported in this thesis, the pH range of interest was from 
approximately 3 to 8. It is desirable to know the values of a^ needed to 
make hydroxylapatite unstable with respect to fluorapatite in this pH 
range. In other words, it is desirable to know the a^ values that are 
sufficient to make the following reaction proceed at the pH values of 
interest : 
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Caio(°»)2(f°4)6(s) + 2 "(a,) 26(s) + " 
Reaction 29 should proceed whenever the following inequality is true: 
ap/a^y = lO^^^FA " '^HA RT) ] (30) 
where y° represents the standard-state chemical potential, R(1.99 cal./K° 
mole) represents the gas constant, T(298° K) represents the absolute 
temperature, and the standard states are those used by Rossini et al. 
(1952). If = -3085 K cal./mole, = -3022 K cal./mole, u° = -66 
K cal./mole, and y° = -37.6 K cal./mole (y°, from Rossini et al., 1952; 
Un Je Un 
PpA» calculated from data given by Lindsay and Moreno, 1960, and 
Rossini et al.) are substituted in Inequality 30, the inequality can be 
transformed into the following: 
pF < 16.27 - pH . (31) 
Most phosphate rocks contain approximately 4 percent fluoride (Lehr, 
1967). The distilled water in the laboratory used for this work was 
-6 
approximately 10 M in fluoride. Therefore, it is reasonable to expect 
that hydroxylapatite in a phosphate rock containing an immiscible mixture 
of hydroxylapatite and fluorapatite would be unstable with respect to 
fluorapatite when placed in solution under the conditions used for the 
experiments conducted for this thesis. 
Solutions in equilibrium with fluorapatite but not in equilibrium 
with hydroxylapatite, dicalcium phosphate dihydrate, or fluorite will not 
yield points that lie on any of the solubility isotherms on a graph such 
as that used in Part I. All the points representing such solutions 
should lie in an area below the fluorapatite plus fluorite line and above 
the dicalcium phosphate dihydrate and hydroxylapatite lines. 
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Suppose now that hydroxylapatite and fluorapatite are immiscible and 
that fluorite is present in the systems being discussed. On the two-
dimensional plot used in Part I, ion activities in a solution in equilibrium 
with the two immiscible apatites and fluorite should result in a point that 
coincides with the intersection of the hydroxylapatite and fluorapatite 
plus fluorite isotherms. 
In the work to be reported here, the pCa range of interest was from 
approximately 2 to 4. Therefore, the pF values should range from 2.92 
to 3.92 in the presence of fluorite. It is then apparent from Inequality 
31 that in the pH range of interest hydroxylapatite would be unstable 
with respect to fluorapatite under the suppositions used. 
Assume now that hydroxylapatite and fluorapatite are miscible in 
all proportions and that fluorite is not present. A solution in equili­
brium with a solid solution of hydroxylapatite and fluorapatite should 
yield activities that satisfy both Equations 26 and 27. Equation 26 can 
be written as follows: 
(10 pCa + 2 pOH + 6 pPO^) + 0(pH - 1/2 pCa) = pK^ + pa^^. (32) 
It is desirable to know where points representing solutions in equili­
brium with solid solutions of the two apatites but not fluorite would lie 
on the two-dimensional graph used in Part I. Let us select the standard 
state for a solid as the pure solid under 1 atm. pressure at the temperature 
in question with activity equal to unity. Now, a^^ will approach the mole 
fraction of hydroxylapatite (X^^) as approaches zero. Therefore, at 
X^ = 0.001, pa^^ should be nearly equal to 3. If pa^^ = 3 and pK^^ = 
113.7 are substituted into Equation 32, the following equation is 
obtained: 
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(10 pCa + 2 pOH + 6 pPO^) + 0(pH - 1/2 pCa) = 116.7. (33) 
If the mole fraction of fluorapatite (X^^) in the solid at equilibrium is 
> 0.999, the activity of the fluorapatite constituent should not be signi­
ficantly different from that of pure fluorapatite. Any solution in 
equilibrium with a solid solution of hydroxylapatite and fluorapatite 
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should yield activities satisfying Equation 32. If the value of 10 
given by Lindsay and Moreno is the solubility product constant of hydroxyl­
apatite, the points representing a solution in equilibrium with a solid 
solution of hydroxylapatite and fluorapatite should lie between the line 
representing Equation 33 and the line representing the equation for the 
pure hydroxylapatite. 
The area of the graphs being used within which points representing 
solutions in equilibrium with solid solutions of the two apatites but not 
fluorite would lie is given in Figure 6. The points would be expected to 
lie to the right of the line representing dicalcium phosphate dihydrate 
and above the line representing hydroxylapatite. They would be expected to 
lie below the broken curved line on the right side of the area if the solid 
solutions behaved ideally. (The derivation of this line will be given 
within the next few pages.) Solutions in equilibrium with solid fluor­
apatite but not fluorite would yield points that would lie in the area 
bounded by the three lines representing Equation 33, dicalcium phosphate 
dihydrate, and fluorapatite plus fluorite. 
An important answer to know now is the a„ values needed at given pH 
values to make the hydroxylapatite in a solid solution with = 0.001 
unstable with respect to fluorapatite. The inequality giving the answer 
is the same as Inequality 30 with the exception that the term on the right 
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side containing a^^ does not equal zero in this case. The inequality is 
V^OH . 10 'SA - "m - KT1i.(0.001) - 2 PJ + 2 RT)] (34) 
Inequality 34 can be transformed into the following inequality: 
pF < 14.77 - pH . (35) 
According to these calculations, a solid solution of hydroxylapatite and 
fluorapatite in which the mole fraction of hydroxylapatite is 0.001 should 
be unstable with respect to fluorapatite if, at pH 3, the value of pF is 
less than 11.77 and, at pH 8, the value of pF is less than 6.77. Peaslee 
(1960) measured the concentrations of fluoride in solutions in contact with 
a phosphate rock in the absence and presence of various soils. The con-
-4 -5 
centrations ranged from 2.06 x 10 M to 3.68 x 10 M. Therefore, it 
seems probable that a solid solution of hydroxylapatite and fluorapatite 
would be unstable with respect to fluorapatite in contact with solutions 
in equilibrium with phosphate rocks at the pH values of interest in this 
work. 
Suppose now that hydroxylapatite and fluorapatite are miscible in all 
proportions and that fluorite is present. If a solid solution of the two 
apatites is in equilibrium with an aqueous solution, both Equation 26 and 
Equation 28 will have to be satisfied. 
An approximation of the equilibrium conditions for the solid solution 
can be obtained by assuming that the solid solution behaves ideally. If 
this assumption is valid, and if the previously mentioned standard states 
for hydroxylapatite and fluorapatite are used, a^^ is equal to and 
a^ is equal to The following is true by definition of mole fraction: 
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Figure 6. Areas on the solubility diagram in which pbints representing 
fl^o^^ps-tite in the absence of fluorite and solid solutions 
of hydroxylapatite and fluorapatite in the absence of fluorite 
should lie. 
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Therefore, under the assumption being used here, the following are also 
true: 
Vv • =SlA "  ^
and 
^FA " ^FA " ^ " ^HA • 
The assumption of ideal behavior of the solid solution permits trans­
formation of Equation 26 into the following equation: 
(10 pCa + 2 pOH + 6 pPO, + 0(pH - 1/2 pCa) = p(l-Xp^) + pK^. (39) 
Similarly, Equation 28 can be transformed into the following equation: 
(10 pCa + 2 pOH + 6 pPO^) +2 (pH - 1/2 pCa) = pX^^ + 
pKp^ +18.2 . (40) 
To determine where points representing the composition of aqueous solu­
tions in equilibrium with fluorite and ideal solid solutions of the two 
apatites would lie on~ the graphs being used, the solubility-product 
constants for hydroxylapatite and fluorapatite given by Lindsay and Moreno 
(1960) were taken as estimates of and and various values for 
were selected. These values were then used in Equations 39 and 40 to 
obtain simultaneously values for pH - 1/2 pCa and 10 pCa + 2 pOH + 6 
pPO^. The results are plotted in Figure 7. 
All points on the diagram lie on or to the unsaturated side of the 
fluorapatite plus fluorite and hydroxylapatite isotherms. This is true 
because neither X^^ nor X^^ can exceed unity. The only significant 
deviation of the points from the solubility lines occurs at pH - 1/2 pCa 
values between 11 and 12, and these deviations are small. 
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Figure 7. Solubility data calculated for equilibrium conditions at 25° C. 
in systems containing solid-phase fluorite and several ideal 
solid solutions of hydroxylapatite and fluorapatite. 
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If the solid solution did not behave ideally, the negative logarithm 
of the activity coefficient of hydroxylapatite (PYg^) would have to be 
added to the right side of Equation 39 and the negative logarithm of the 
activity coefficient of fluorapatite (PYp^) to the right side of Equation 40. 
The values of pa^^ and pa^^ will always be - 0. Thus, a simultaneous 
solution of Equations 39 and 40 including PYj^ and PYp^ will always give a 
point on the 10 pCa + 2 pOH + 6 pPO^ versus pH - 1/2 pCa diagram that lies 
essentially on or to the unsaturated side of the fluorapatite plus fluorite 
and hydroxylapatite isotherms. 
As was stated previously, the pH range of interest in the work 
reported in this thesis was from approximately 3 to 8, and the pCa range 
of interest was from approximately 2 to 4. Therefore, the pH - 1/2 pCa 
range of interest was from approximately 7 to 1. Figure 7 suggests that, 
if solid-phase fluorite is present in the pH - 1/2 pCa range from 7 to 1, 
the solubility relations of a solid solution of hydroxylapatite and fluor­
apatite should be essentially the same as those of pure fluorapatite. This 
inference is easily verified with calculations. For example, if Equations 
39 and 40 are solved simultaneously for and if is evaluated for 
pH - 1/2 pCa = 7, = 113.7, and = 118.4, the result is X^^ = 
1/(1 + With pH - 1/2 pCa = 1, = 1/(1 + 10~^°'^). Therefore, 
according to the theory developed here, phosphate rocks in which the 
apatite occurs as a solid solution of hydroxylapatite and fluorapatite and 
that also contain fluorite should exhibit the solubility product constant 
of fluorapatite in the pH - 1/2 pCa range of interest in this work provided 
a stable equilibrium can be attained. 
If fluorapatite forms and quickly reaches a stable equilibrium with 
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ambient solutions at 25° C., one would expect that apatitic phosphate 
rocks would exhibit the solubility product constant of fluorapatite when 
placed in water. It is possible that solutions in contact with phosphate 
rocks are able to remain in metastable states with respect to fluorapatite 
for long periods of time if the temperature is not raised above 25° C. 
Such metastable states could result because of poorly crystalline apatite 
in the phosphate rocks. If the metastable states are able to exist at 
25° C., different phosphate rocks could exhibit a wide range of solu­
bilities although at a stable equilibrium they would all exhibit the same 
solubility. Therefore, one important aspect of the work reported in this 
part of the thesis was to determine whether the apatite in phosphate rocks 
quickly reached an equilibrium with ambient solutions at 25° C. or whether 
it remained in a metastable state. 
The effect of ions "foreign" to the hydroxylapatite and fluorapatite 
lattice on fluorapatite solubility probably should be considered. This 
is true because some ions have been reported to increase the ion activity 
product of hydroxylapatite, and it is possible that these ions or others 
would affect the ion activity product of fluorapatite. If "foreign" ions 
do affect the ion activity product of fluorapatite, misleading ion 
activity products might be obtained from phosphate rock systems. Widely 
different ion activity products might be obtained from different phosphate 
rock systems merely because of the presence of interfering "foreign" ions 
in different concentrations in the systems. 
If fluorapatite forms and quickly reaches a stable equilibrium at 
25° C., one would expect that ions "foreign" to fluorapatite might affect 
fluorapatite solubility in the following way. Assume some ion XO^ is able 
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to replace PO^ from the apatite lattice and that a solid solution of Ca^^ 
F (XO,)^ and Ca F (PC ) is formed. The ion activity product of the 
2. 4 o JLU L 4 o 
fluorapatite should be reduced because the mole fraction, and consequently 
the activity, of the fluorapatite in the solid would be reduced. The 
points on the solubility diagram would be expected to lie above the 
solubility isotherm for pure fluorapatite plus fluorite provided the 
systems were saturated with fluorite. 
If fluorapatite cannot form and quickly reach a stable equilibrium 
with ambient solutions at 25° C., one might reasonably expect that ions 
"foreign" to fluorapatite would have a different effect on the ion activity 
product exhibited by fluorapatite. Again assume that some ion XO^ is able 
to replace PO^ from the fluorapatite lattice. The solution phase would 
probably become supersaturated with respect to fluorapatite because of the 
release of PO^ ions into solution if fluorapatite failed to reform. 
Although the fluorapatite activity would increase, the replacement reaction 
of XO^ for PO^ could proceed as long as it resulted in a net decrease in 
the free energy of the entire system. Such a system however would be 
metastable with respect to fluorapatite, and it could exist only if solu­
tions were able to remain supersaturated with respect to fluorapatite for 
long periods of time at 25° C. 
Analytical techniques now available for fluoride are not adequate to 
determine if points that lie in a large part of the area enclosed by lines 
representing fluorapatite plus fluorite, dicalcium phosphate dihydrate, 
and Equation 33 on the graphs being used actually represent solutions in 
equilibrium with fluorapatite. For example, if pH = 4.5 and pCa = 2 in 
a solution in equilibrium with fluorapatite, values of pF might lie 
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between 3.92 and 10.13, but the lower limit for fluoride determination 
- 6  is about 10 M. 
Moreover, it is doubtful that accurate values for a^ in solutions 
in equilibrium with phosphate rocks not containing fluorite could be 
calculated even if the concentrations of fluoride in the solutions were 
known. Fluoride forms soluble complexes with iron, aluminum, and silicon, 
and all of these elements are present in phosphate rocks. It appears 
from data given by Kartell and Sillen (1964) that the precise stability 
constants needed to calculate values of a in the presence of these 
r 
elements are not known. 
Electrodes are available for the estimation of fluoride activity. 
However, such an electrode was not available for this work. Furthermore, 
it is not known whether the electrode could have been used successfully in 
this work. Orthophosphate ions are known to interfere with the electrode. 
Meaningful ion activity product measurements on the apatite consti­
tuent of phosphate rocks can be made without estimating fluoride activity 
directly if fluorite is present in the system. If addition of fluorite 
is required to saturate the system with fluorite, it might be argued 
that this addition would cause significant alteration in the apatite 
constituent of phosphate rocks and that the ion activity products obtained 
would be different from those occurring with phosphate rocks alone. The 
arguments given in this section indicate, however, that if addition of 
fluorite is required it should not significantly change the nature of the 
apatite constituent in equilibrium with the solution from that in equili­
brium with a solution in the absence of fluorite. Another disadvantage 
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of having to rely on fluorite to fix a^ is that it is reported to reach 
equilibrium very slowly (Farr et al., 1962). Therefore, it is impossible 
to determine if fluorapatite attains equilibrium quickly if one is relying 
on the solubility-product constant of fluorite to fix a^. 
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MATERIALS AM) METHODS 
Apatites 
Seven naturally occurring apatites were used. They were Florida 
phosphate rock (American Cyanamid Co., New York, N. Y.), Florida phosphate 
rock (American Agricultural Chemical Co., Pierce, Florida; now Continental 
Oil Co.), Ruhm's phosphate rock (Tennessee brown phosphate rock). North 
Carolina phosphate rock (Texas Gulf Sulfur Co. phosphate mine, Aurora, 
North Carolina), Tunis phosphate rock (U. S. D. A. laboratory No. 1551), 
Morocco phosphate rock (U. S. D. A. laboratory No. 2240), and blue-green 
massive apatite, Ontario, Quebec (Ward's Natural Science Establishment, 
Inc.). 
The Florida phosphate rock sold by American Cyanamid Co. will be 
designated as Florida phosphate rock No. 1 in this work. More than 98 
percent of the sample used passed through a 100-mesh sieve. The remaining 
2-percent was < 2 mm. in diameter. The other sample from Florida will be 
designated as Florida phosphate rock No. 2. This sample is the same 
sample used by Chaverri (1962). Eighty-five percent of this material 
passed through a 200-mesh sieve. The sample of Ruhm's phosphate rock 
passed through a 300-mesh sieve. 
The North Carolina sample had not been through the beneficiation 
process used to prepare such materials for fertilizer production. The 
material was not washed but was ground as received. A sample of which 98 
percent was < 40 mesh and all was > 200 mesh was used. The Tunis phosphate 
rock was < 325 mesh in size. The Morocco sample had been concentrated but 
not ground or screened. Approximately 95 percent of the material was < 2 mm. 
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in diameter. Armiger and Fried (1957) conducted experiments in which 10 
sources of phosphate rock were compared as agronomic sources of phosphorus. 
The Tunis and Moroccan samples used in this work were among the best of the 
10 sources as agronomic sources of phosphorus. These samples had the 
highest surface areas among the 10 sources used in the experiment. 
The apatite from Quebec was ground but not washed prior to use. The 
material used was < 2 mm. in diameter. The Quebec apatite is the only 
apatite of igneous origin used in this work. The remaining naturally 
occurring apatites used in this work were of sedimentary origin. 
A General Electric XRD6 X-ray diffraction unit was used to obtain an 
X-ray pattern for each of the apatites. A copper tube and nickel filter 
were used. The d-spacings and the relative intensities for the major 
peaks of served are given in Table 12. The same information is given for 
hydroxylapatite and fluorapatite as reported by Lehr et al. (1967a). The 
two Florida phosphate rocks, Ruhm's phosphate rock, and Quebec apatite 
exhibited patterns that agreed more closely with the patterns reported by 
Lehr et al. (1967a) for hydroxylapatite and fluorapatite than did the 
patterns exhibited by the North Carolina, Tunis and Morocco phosphate 
rocks. Armiger and Fried (1957) reported that the Tunis and Morocco 
phosphate rocks had the largest amount of apatite-bound carbon of the 
ten phosphate rocks they investigated. The apatite-bound carbon was 
estimated by determining total inorganic carbon and subtracting from this 
quantity the amount of carbon removed by triammonium citrate. Lehr (1967) 
reported data that indicated the a-axis length in apatites that had been 
washed with triammonium citrate decreased linearly as the moles of car­
bonate plus fluorite per ten moles of calcium increased. Thus, there is 
Table 12. Relative Intensities (I) and d-spaclngs (d) for the major X-ray diffraction peaks of 
hydroxyl- and fluorapatlte as reported by Lehr et al. (1967a) and the apatites used 
in this work. 
Hydroxyl- Fluor­
apatlte, apatite, 
Lehr Lehr Florida Florida North 
et al., et al., Hydroxyl- phos. rock phos. rock Ruhm's Carolina Quebec Tunis Morocco 
(1967a) (1967a) apatite No. 1 No. 2 phos. rock phos. rock apatite phos. rock phos. rock 
d i d  I d  I  d  I  d  I  d i d l d l d l  d  I  
— — — 4.95 13 — — — — — — — — — — — 
3.440 40 3.440 42 3.42 38 3.46 37 3.46 40 3.45 38 3.45 41 3.45 30 3.44 30 3.44 40 
— — — 3.36* 29 3.36* 15 3.35* 68 — — — — 3.35* 13 3.35* 87 
3.170 11 3.160 14 — — 3.18 12 3.18 12 3.17 13 3.17 12 3.17 8 3.17 13 3.17 19 
3.080 17 3.060 18 3.08 18 3.09 28 3.07 15 3.07 16 3.06 14 3.08 14 3.04 28 3.04 27 
2.814 100 2.800 100 2.81 100 2.81 100 2.80 100 2.80 100 — — 2.81 100 — 
2.778 60 2.770 44 2.78 56 2.78 68 2.78 72 2.78 68 2.78 100 2.78 53 2.78 100 2.78 100 
2.720 60 — — 2.71 72 2.73 81 — — — — — — 2.71 52 — 
— 2.700 54 — — 2.71 62 2.70 46 2.70 57 2.70 41 — — 2.69 45 2.70 51 
2.631 25 2.620 27 2.62 28 2.63 28 2.63 24 2.63 28 2.62 25 2.63 22 2.62 19 2.62 25 
2.262 20 2.250 27 2.26 28 2.25 36 2.25 24 2.25 25 2.24 20 2.26 21 2.24 23 2.24 24 
*Quartz gives It most intense peak at d = 3.35. 
Table 12. (Continued) 
Hydroxy!- Fluor-
apatite, apatite, 
Lehr Lehr Florida Florida North 
et al., et al., Hydroxyl- phos. rock phos. rock Ruhm's Carolina Quebec Tunis Morocco 
(1967a) (1967a) apatite No. 1 No. 2 phos. rock phos. rock apatite phos. rock phos. rock 
d I d I d I d I d I d I d I d I d I d I 
2.148 9 2.140 7 
1.943 30 1.936 27 1.94 30 1.94 24 1.94 24 1.94 24 1.93 21 1.94 20 1.93 23 1.93 29 
1.890 15 1.884 14 1.89 14 1.89 12 1.88 11 1.88 14 1.88 11 1.89 9 1.88 13 1.90 16 
1.841 40 1.836 36 1.84 23 1.84 29 1.84 31 1.84 30 1.83 25 1.84 22 1.83 23 1.84 27 
1.806 20 1.798 18 1.80 17 1.80 12 1.79 12 1.79 14 1.79 11 1.80 9 1.79 10 1.78 16 
1780 11 1.769 14 1.78 13 1.77 12 1.77 11 1.77 13 1.76 11 1.78 8 1.76 10 1.76 16 
1.754 15 1.746 15 1.75 11 1.75 12 1.74 10 1.75 13 1.74 11 1.75 8 1.74 10 — — 
1.722 20 1.720 19 1.73 13 1.73 12 1.72 14 1.72 12 1.72 9 1.72 10 
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evidence that the Tunis and Morocco phosphate rocks gave X-ray patterns 
different from hydroxy1- and fluorapatite because of apatite-bound carbon. 
The North Carolina phosphate rock gave an X-ray pattern similar to those 
of the Tunis and Morocco phosphate rocks. 
Methods of Analysis 
Calcium 
Calcium was determined in the first two experiments by the titration 
method described in Part I. Calcium in the remaining experiments was 
determined with an atomic absorption spectrophotometer as described in 
Part I. 
Phosphorus 
Some of the phosphorus determinations in the fourth experiment were 
made using the Murphy and Riley method as described by Watanabe and 
Olsen (1965). A Klett-Summerson photoelectric colorimeter with a 4-cm. 
cell and a 640-700 my light filter was used for these determinations. 
The remaining phosphorus determinations were made using the colorimetric 
method of Dickman and Bray (1940) as modified by Legg and Black (1955). 
pH 
The same apparatus was used as is described in Part I. 
Sulfate 
Sulfate determinations were made in the third, fourth, and sixth 
experiments. The nephelometric method given by Vogel (1961) was used to 
determine sulfate. A Klett-Summerson photoelectric colorimeter with a 
4-cm. cell and a 400-465 my light filter was used in the fourth experiment. 
An Evelyn photoelectric colorimeter with a 660 my light filter was used 
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for the other determinations. 
Magnesium 
Magnesium determinations were made in the third experiment. Mag­
nesium was determined using a Perkin-Elmer Model 303 atomic absorption 
spectrophotometer. The method of preparing the samples for analysis and 
the instrument settings used were those recommended for magnesium by the 
Perkin-Elmer Staff (1966). 
Ionic Activities 
Activity coefficients for Ca"*"*", HgPO^ , HPO^ , and PO^ were 
estimated in all experiments except the fourth in the manner described 
in Part I. In the fourth experiment, sulfate was measured and taken into 
account in estimating the activity coefficients. Otherwise the procedure 
was exactly the same as that used in the other experiments. 
++ — 
Ion-pair formation between Ca and SO^ was taken into account 
using the dissociation constant of 0.0053 for the calcium-sulfate ion 
pair. This value was given by Money and Davies (1932). The ionic activi­
ties of calcium and sulfate were estimated by first assuming that the 
calcium ion concentration in solution equaled the total calcium concentra­
tion and that the sulfate ion concentration equaled the total sulfate 
concentration. Then the activity of the calcium-sulfate ion pair was 
estimated using the estimates of the ionic activities of calcium and sul­
fate. The concentration of the calcium-sulfate ion pair was estimated by 
assuming the concentration equaled the activity. A new approximation of 
the calcium ion concentration was then obtained by subtracting the estimated 
concentrations of the CaSO. ion pair and the CaH„P0,"^ and CaHPO, ion pairs 
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from the total concentration of calcium. A new approximation of the sul­
fate ion concentration was obtained by subtracting the concentration of 
the calcium-sulfate ion pair from the total sulfate concentration. The new 
approximations of the calcium and sulfate ion concentrations were then used 
to repeat the entire process to obtain yet newer approximations. The tenth 
approximation of the calcium ion activity was used to calculate ion products. 
Equilibration 
Incubator-shaker 
The incubator-shaker described in Part I was used for equilibrating 
the solutions with the solids in the fourth and sixth experiments. 
Equilibration cells 
The large equilibration cells described in Part I were used in the 
fourth experiment. The small equilibration cells described in Part I were 
used in the sixth experiment. 
Constant temperature room 
A wrist-action shaker in a constant-temperature room at 25° C. was 
used for equilibrating the solutions with the solids in all experiments 
except the fourth and the sixth. 
Pressure filters 
The pressure filters described in Part I were used in all the experi­
ments except the fourth and sixth. 
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EXPERIMENTS 
Solubility of a Florida Phosphate Rock in 
Distilled Water 
Introduction 
Work by Chaverri (1962) indicated that dilute hydrochloric acid 
solutions became supersaturated with respect to both hydroxylapatite and 
fluorapatite after long periods of contact at 25° C. with a phosphate 
rock. After one of these systems was boiled for a short time, measure­
ments on the solution yielded a point that fell on the fluorapatite region 
on the solubility diagram. The objective of this experiment was to follow 
the solubility of a phosphate rock in distilled water at 25° C. over a 
long period of time to determine if the solution became supersaturated 
with respect to hydroxylapatite and fluorapatite and, if it did, to deter­
mine if it remained supersaturated at 25° C. 
Procedure 
Florida phosphate rock No. 1 was used, and the initial solid to 
solution ratio was 1.0 g./lOO ml. The pyrex bottle containing the sus­
pension was not shaken, but the contents were mixed by the passage of air 
through the suspension during much of the equilibration time. Two hundred 
ml. of the supernatant liquid were removed for the first analysis, and 
thereafter approximately 100 ml. were removed for each analysis. 
Results and discussion 
The results are given in Table 13. The solubility of the phosphate 
rock did not appear to change between 51 and 419 days. Therefore, the 
phosphate rock was either at a stable equilibrium or at a metastable 
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equilibrium at which it was capable of existing as long as the temperature 
remained at 25° C. 
Figure 8 shows the mean solubility of the phosphate rock (the 
questionable value in Table 13 is omitted) in comparison with the solu­
bility of calcium phosphate compounds given by Lindsay and Moreno (1960) 
and the surface complex as given by Rootare et al. (1962). At the time 
this experiment was conducted the work in Part I had not been done, and 
thus the failure to obtain evidence in support of the surface complex 
with synthetic hydroxylapatite had not been experienced. Therefore, it 
appeared at that time that the surface complex could be controlling the 
solubility of the phosphate rock. If this were true, then either the 
solution was not saturated with fluorite or the surface complex was 
capable of existing for a long time in systems supersaturated with respect 
to fluorapatite. 
In the absence of a surface complex, the results obtained might be 
accounted for in other ways: (1) The solubility was controlled by 
fluorapatite, but the solution was not saturated with fluorite. (2) 
The solution was saturated with fluorite, but substances present in the 
phosphate rock were reacting with the fluorapatite, causing the solution 
to exhibit a point on the solubility diagram below the fluorapatite plus 
fluorite line. (3) The solution was saturated with fluorite and sub­
stances foreign to the fluorapatite lattice were not interfering. How­
ever, the apatite in the phosphate rock was not a well-crystallized 
fluorapatite and was capable of existing in a metastable state in relation 
to fluorapatite at 25° C. (4) Neither a well-crystallized fluorapatite 
Table 13. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in a solution after different periods of equilibration with 
a Florida phosphate rock. 
Days of pH - ^ 2 4 2 pOH 
equilibration pH p[Ca] p[P] pCa pHgPO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 
51 6.80 3.767 4.511 3.813 4.687 5.087 10.61 4.894 6.593 116.2 
129 6.61 3.717 4.491 3.765 4.618 5.208 10.93 4.727 6.501 117.9 
146 6.69 3.695 3.904 3.748 4.051 4.561 10.19 4.816 5.925 113.2 
234 6.62 3.691 4.517 3.740 4.647 5.227 10.93 4.750 5.517 117.7 
278 6.76 3.671 4.594 3.721 4.763 5.203 10.76 4.899 6.623 116.3 
321 6.63 3.669 4.543 3.719 4.677 5.247 10.94 4.770 6.536 117.6 
419 6.54 3.634 4.514 3.686 4.628 5.288 11.07 4.697 6.471 118.2 
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Figure 8. Ranges and mean values of 10 pCa + 2 pOH + 6 pPO, and pH -
1/2 pCa derived from measurements at six different times on 
a solution obtained from equilibrating a Florida phosphate 
rock with water. 
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nor fluorite were present. 
There is now good evidence that carbonate is substituted for ortho-
phosphate to some extent in naturally occurring apatites (Lehr, 1967; 
Lehr et al., 1967b). Therefore, one might reason that naturally occurring 
apatites would not be expected to exhibit the ion activity product for 
fluorapatite because of carbonate. However, the naturally occurring 
sedimentary apatites were probably precipitated from solutions at high 
pH values where the concentration of carbonate would be considerably 
higher than in acid solutions under an atmosphere with a carbon dioxide 
partial pressure of 0.03 atm. Thus, although naturally occurring apatites 
probably contain carbonate in the apatite lattice, it is not certain that 
the concentration of carbonate in acid solutions under an atmosphere 
with a low partial pressure of carbon dioxide would be high enough to 
affect the ion activity product exhibited by fluorapatite. Consequently, 
it is not unreasonable to expect that phosphate rocks containing carbonate-
apatite prior to being placed in contact with an acid solution might 
exhibit the ion activity product of fluorapatite in contact with an acid 
solution under an atmosphere with a low partial pressure of carbon dio­
xide. Furthermore, from the standpoint of the effect of carbonate on 
fluorapatite, it is not unreasonable to expect that phosphate rocks con­
taining carbonate-apatite prior to being placed in an acid soil might 
exhibit the solubility of fluorapatite in the saturated area of soil 
provided this area remains acid. 
In experiments conducted later, the carbonate in acid solutions 
prepared without taking care to eliminate carbon dioxide did not appear 
to affect the ion activity product exhibited by the solutions in contact 
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with fluorapatite formed from synthetic hydroxylapatite and fluorite. 
However, the equilibrium pH values of these solutions were all below 6. 
The pH values in this experiment and some of those observed in later 
experiments on phosphate rocks were above 6. Therefore, carbonate might 
have been concentrated enough in part or all of these systems to affect 
the solubility of fluorapatite. The conditions under which carbonate 
becomes important in fluorapatite solubility have not been determined. 
To the author's knowledge, no one has shown that the presence of 
certain ions foreign to the fluorapatite lattice in a solution in equili­
brium with fluorapatite increased the ion activity product for fluorapatite 
exhibited by that solution. However, on the basis that carbonate or 
bicarbonate and other ions have been reported to increase the ion activity 
product of hydroxylapatite, one has reason to suspect that other sub­
stances, as well as carbonate or bicarbonate, may affect the ion activity 
product exhibited by fluorapatite. 
Even though carbonate is not concentrated enough in acid solutions 
under an atmosphere with a low partial pressure of carbon dioxide to 
affect the solubility of fluorapatite, an acid solution in contact with 
a carbonate-apatite might nevertheless become supersaturated in relation 
to fluorapatite if carbonate-apatite is more soluble than fluorapatite. 
Furthermore, if well-crystallized fluorapatite would not form at 25° C. 
in the system, the solution would remain in the metastable state as long 
as the conditions were not changed. 
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Solubility of a Florida Phosphate Rock in Dilute Hydrochloric Acid 
Solutions after Boiling and Equilibration for Different Times 
Introduction 
The objective of this experiment was to determine the solubility of 
Florida phosphate rock No. 1 after it had been boiled in dilute hydro­
chloric acid solutions and allowed to equilibrate at 25° C. It was hoped 
that this treatment would convert any metastable apatites to their stable 
form under the conditions used in the experiment. As was stated in Part I, 
Clark (1955) prepared hydroxylapatites from calcium hydroxide and phos­
phoric acid solutions at temperatures below 90° C. and at 90° C. He found 
that the solubility exhibited by the hydroxylapatites at 25° C. decreased 
as the temperature during precipitation increased. If fluorapatite 
behaves in a similar manner, and if the apatite in a phosphate rock is 
in a metstable state with respect to fluorapatite, then boiling a solution 
in contact with the phosphate rock should decrease the ion activity 
product exhibited by the solution when equilibrated with the phosphate 
rock at 25° C. provided ions foreign to the fluorapatite do not interfere. 
Procedure 
Two different solid to solution ratios and four different solutions 
were used. The treatments were not replicated. Results for three of the 
systems with a solid to solution ratio of 10.0 g./lOO ml. will be given 
here. The results for the systems with a solid to solution ratio of 
1.0 g./lOO ml. were similar to those given here. 
Each system initially contained 800 ml. of solution. Approximately 
200 ml. were removed for the first analysis, and thereafter approximately 
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100 ml. were removed for each analysis. The suspensions were boiled and 
equilibrated in glass flasks. During boiling, evaporation was limited 
by the use of Liebig condensers. The systems were boiled for at least 
24 hours. The flasks were shaken on a wrist action shaker, and air was 
passed through the suspension during much of the time they were held at 
25° C. 
Results and discussion 
The results are given in Table 14 and Figure 9. Figure 9 shows 
that the systems at the higher pH values had a solubility similar to that 
of the surface complex when analyzed shortly after boiling. However, 
after equilibration for longer times at 25° C. these solutions became 
supersaturated with respect to both the surface complex and 
hydroxylapatite. 
The solubility of the system at the low pH increased with each 
measurement. At the last measurement it exhibited a solubility that was 
close to the solubility of dicalcium phosphate dihydrate. 
The two systems with the higher pH values exhibited solubilities 
when measurements were made 4 and 16 days after boiling that were similar 
to the solubility exhibited by the system in the preceding experiment 
that was not boiled. The following possibilities may be suggested to 
account for this finding: (1) The solutions were saturated with fluorite, 
and substances foreign to the fluorapatite lattice were responsible for 
the metastable state. Boiling, followed by equilibration at 25° C., did 
not result in a stable fluorapatite because of these substances. (2) 
The solutions were not saturated with fluorite. (3) Both (1) and (2) 
were responsible. 
Table 14. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
product for hydroxylapatite in solutions in contact with a Florida phosphate rock after 
the systems had been boiled and allowed to equilibrate for different times at 25° C. 
pH PO + ^ System Measurement pH - 2 4 2 pOH + 
number number* pH p[Ca] p[P] pCa pH^PO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 
1 1 6.80 3.857 4.795 3.898 4.967 5.367 10.890 4.851 6.916 118.7 
1 2 7.03 3.745 4.329 3.793 4.592 4.762 10.050 5.133 6.489 112.2 
1 3 6.79 3.829 4.646 3.871 4.817 5.227 10.760 4.854 6.752 117.7 
1 4 6.77 3.754 4.532 3.801 4.699 5.129 10.680 4.870 6.600 116.5 
1 5 7.21 3.386 3.994 3.460 4.377 4.367 9.477 5.480 6.107 105.0 
2 1 6.07 3.213 3.947 3.295 4.013 5.143 11.390 4.422 5.660 117.2 
2 2 6.48 3.208 3.844 3.292 3.970 4.690 10.530 4.834 5.616 111.1 
2 3 6.27 3.268 4.223 3.345 4.308 5.238 11.290 4.597 5.981 116.6 
2 4 6.57 3.197 4.092 3.281 4.238 4.868 10.620 4.929 5.879 111.4 
2 5 7.04 3.048 3.922 3.150 4.261 4.421 9.701 5.465 5.835 103.6 
3 1 3.99 2.187 1.524 2.478 1.601 4.811 13.140 2.751 2.840 123.6 
3 2 4.63 2.181 2.516 2.413 2.599 5.167 12.860 3.424 3.806 120.0 
*(1) boiled and then equilibrated 16 days at 25° C., (2) equilibrated 78 more days, (3) 
boiled a second time and then equilibrated 4 days, (4) equilibrated 88 more days, and 
(5) equilibrated 44 more days. 
Table 14. (Continued) 
number number* pH p[Ca] p[P] pCa pHgPO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 
3 3 5.03 2.183 2.607 2.414 2.695 4.865 12.16 3.823 3.901 115.0 
3 4 5.19 2.185 2.604 2.416 2.696 4.706 11.84 3.982 3.903 112.8 
3 5 5.63 2.158 2.575 2.398 2.690 4.260 10.95 4.431 3.889 106.4 
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Figure 9. Solubility of a Florida phosphate rock in dilute hydrochloric 
acid solutions after the systems had been boiled and then 
equilibrated different lengths of time at 25° C. 
126 
At the pH values found in this experiment, the stable apatite should 
be hydroxylapatite instead of fluorapatite if the fluoride ion activity 
is low enough. The results of this experiment show, however, that the 
solubility of Florida phosphate rock No. 1 after boiling and equilibration 
for 78 days or more at 25° C. was not restricted by a solubility product 
constant for hydroxylapatite or the surface complex. 
Solubility of Some Phosphate Rocks in the 
Presence of Fluorite after Boiling 
followed by Equilibration at 25° C. 
Introduction 
The three major X-ray diffraction peaks for fluorite (relative 
> ° 
intensities - 35 percent) have d-spacings that are within 0.011 A of 
d-spacings for fluorapatite (Lehr et al., 1967a). The d-spacings for 
these three peaks are also very close to three d-spacings for hydroxyl­
apatite as given by Lehr et al. (1967a). Because of these facts one cannot 
determine by X-ray analysis whether a small amount of fluorite is present 
in an apatitic phosphate rock. 
The preceding two experiments in this work gave no indication that 
the solutions in contact with the phosphate rock were saturated with 
fluorite. Peaslee measured fluoride and calcium concentrations in solu­
tions that had been in contact with Florida phosphate rock No. 2 for 5 
days at 25° C. The pCa + 2 p[F] values found ranged from 10.91 to 
11.47. The analyses were made on five solutions that had pH values 
ranging from 2.3 to 4.7. To judge from the solubility-product constant 
of 9.84 for fluorite given by Lindsay and Moreno (1960), these solutions 
127 
were unsaturated with respect to fluorite. 
On the other hand, Chaverri (1962) equilibrated solutions with 
Florida phosphate rock No. 2 in the presence and absence of added fluorite 
for 31 days and found the activities of the calcium, hydrogen, and phos­
phate to be about the same in presence as in the absence of added 
fluorite. He concluded that there was probably fluorite present in the 
phosphate rock. However, the data obtained by Chaverri did not yield 
points that fell on the fluorapatite plus fluorite line on the solubility 
diagram. This finding indicates that the solutions were not saturated 
with fluorite, that a stable fluorapatite was not present, or both. 
Farr et al. (1962) stated that fluorite dissolves slowly. They did 
not report data indicating the time required for a solution in contact 
with fluorite at 25° C. to become saturated with fluorite. Perhaps the 
5 day equilibration period used by Peaslee (1960) and the 31 day equili­
bration period used by Chaverri (1962) were not long enough for the 
solutions to become saturated with fluorite in the presence of other sub­
stances in the phosphate rock capable of reacting with fluorite. 
The objective of this experiment was to determine the solubility of 
some phosphate rocks in the presence of fluorite after boiling followed 
by equilibration at 25° C. The solubility of fluorite is greater at 25° C. 
than 18° C. Therefore, the systems were boiled with the hope that the 
solutions would be saturated with fluorite when cooled to 25° C. 
Procedure 
Synthetic hydroxylapatite and four phosphate rocks were used in the 
experiment. The solid to solution ratio used was 1.0 g. of hydroxylapatite 
or phosphate rock and 0.25 g. of fluorite per 100 ml. of solution. The 
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systems were boiled for 24 hours. Evaporation was limited by use of Liebig 
condensers. The systems were then equilibrated at 25° C. for 6 days in the 
1 1. glass flasks in which they were boiled. During the first 3 days of 
equilibration the systems were shaken on a wrist action shaker. 
Analyses were made on the solutions for calcium, phosphorus, pH, sul­
fate, and magnesium. Values for magnesiuir and sulfate are not given 
because they were too low to make a significant contribution to either 
ion-pair formation or the ionic strength of the solution. 
Results and discussion 
The results are given in Table 15 and Figure 10. All the apatites 
with the exception of the North Carolina sample exhibited the solubility 
of fluorapatite in a solution saturated with fluorite. 
The results indicate that Florida phosphate rock No. 1 used in the 
preceding two experiments and Florida phosphate rock No. 2 used by Chaverri 
(1952) did not contain enough fluorite in contact with the solutions to 
saturate those solutions with fluorite. Lehr (1967) and Lehr et al. (1967b) 
have recently provided evidence that fluoride in phosphate rocks is present 
in combination with carbonate in positions in apatite crystals normally 
occupied by phosphate. Thus, there is reason to believe that the assump­
tion that most phosphate rocks contain fluorite, which has been accepted in 
the past because there is more fluorine present in most phosphate rocks 
than is needed to combine all the phosphorus as fluorapatite, is not always 
valid. 
The presence of fluorite is important in measurement of the solubility 
of the apatite constituent of phosphate rocks. Fluoride is one of the ions 
that determine the solubility of fluorapatite, but its activity probably 
Table 15. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions that had been boiled with 
hydroxylapatite and various phosphate rocks in the presence of fluorite and then 
equilibrated with the solids at 25° C. 
DH PO + + 10 PCa + 
pH - P 2 4 2 pOH + 2 pF + 
Apatite added pH p[Ca] p[P] pCa pHgPO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 6 pPO^* 
Hydroxylapatite 3.90 2,271 2.688 2.483 2.766 6.066 14.49 2.659 4.007 131.9 119.1 
Florida phos. 
rock No. 1 3.92 2.231 2.656 2.451 2.737 6.017 14.42 2.695 3.962 131.2 118.4 
Florida phos. 
rock No. 2 3.96 2,246 2.639 2.463 2.718 5.958 14.32 2.728 3.950 130.6 117.9 
Ruhm's phos. 
rock 3.89 2.256 2.656 2.471 2.735 6.045 14.48 2.654 3.970 131.8 118.9 
North Carolina 
phos. rock 4.98 2.358 3.670 2.549 3.742 5.962 13.30 3.705 5.017 123.3 112.6 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 10. Solubility of some phosphate rocks in the presence of fluorite 
after boiling followed by equilibration at 25° C. 
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cannot be calculated accurately on the basis of chemical analysis of solu­
tions in contact with phosphate rocks. (Perhaps the activity can be 
- 6  determined precisely at activities >10 M by the use of fluoride elec­
trodes now available, but this approach has not been used on phosphate 
rocks to the knowledge of the author.) Accordingly, if values for the 
negative logarithm of the ion activity product for hydroxylapatite 
obtained on solutions in equilibrium with phosphate rock are plotted 
against pH - 1/2 pCa, as in Figure 10, the values should fall on the 
fluorapatite plus fluorite line provided that (1) the solubility of the 
phosphatic component of the rock is restricted by fluorapatite and (2) the 
solution is saturated with fluorite (which determines the activity of 
fluoride). 
On the other hand, if the activity of fluoride in the solutions is 
not equal to that in equilibrium with fluorite, the solubility of the 
phosphatic component of the rock may be restricted by fluorapatite, but 
the negative logarithm of the ion activity product for hydroxylapatite 
will not be on the fluorapatite plus fluorite line in Figure 10. The 
interpretation of the results will then be indefinite because more than 
one reason can be given for the failure of the value to lie on the fluor­
apatite plus fluorite line. 
The X-ray pattern for the North Carolina phosphate rock was similar 
to the patterns for the Tunis and Morocco phosphate rocks. The patterns 
for these three phosphate rocks appeared to be significantly different 
from the patterns for hydroxy1- and fluorapatite. The other phosphate 
rocks exhibited patterns similar to hydroxy1- and fluorapatite. Therefore, 
one might reason that the difference between the North Carolina phosphate 
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rock and the other phosphate rocks in this experiment was the difference 
in the nature of the apatite constituent of the phosphate rocks prior to 
the boiling treatment. However, experiments by Clark (1955) mentioned 
earlier indicate that hydroxylapatite forms more ordered crystals at 
90° C. than at lower temperatures. Furthermore, in the second experiment 
in Part I, a solution in contact at 25° C. with a solid phase initially 
consisting of hydroxylapatite and fluorite exhibited a solubility product 
constant for fluorapatite, indicating that well-crystallized fluorapatite 
was formed. The same hydroxylapatite as used in the second experiment of 
Part I did not exhibit a solubility product constant for hydroxylapatite 
in the absence of fluorite in other experiments, indicating that a well-
crystallized fluorapatite formed at 25° C. from a not-so-well-crystallized 
hydroxylapatite. The implication of these findings is that one would 
expect a well-crystallized fluorapatite to form when solutions were boiled 
in contact with phosphate rocks and fluorite provided substances foreign 
to fluorapatite present in the system did not interfere with the formation 
of fluorapatite. The fact " the North Carolina phosphate rock did not 
exhibit the solubility of fluorapatite after contact with a boiling solution 
in contact with fluorite suggests that substances foreign to fluorapatite 
did hinder the formation of well-crystallized fluorapatite in this system. 
The North Carolina phosphate rock appeared to contain more organic 
matter than the other samples. The presence of organic matter could have 
affected the formation of fluorapatite by coating the surface of the 
apatite crystals and inhibiting the growth of well-crystallized fluorapatite. 
An experiment was conducted to investigate this possibility, and the results 
will be given later. 
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In the preceding experiment the systems with solutions at pH values 
near 7 yielded points on the solubility diagram that were on the unsatur­
ated side of the hydroxylapatite line when measurements were made 4 or 16 
days after boiling. However, when the systems were allowed to equili­
brate for a longer time at 25° C. the points on the solubility diagram 
moved to the supersaturated side of the hydroxylapatite line. One experi­
ment of these results is that a well-crystallized fluorapatite or 
hydroxylfluorapatite was formed during boiling and was capable of existing 
in the system for at least 16 days after boiling. With time, however, 
substances foreign to the apatite present reacted with the apatite, causing 
it to exhibit a higher solubility. If this explanation is true, one would 
expect that the phosphate rocks that yielded points that fell on the 
fluorapatite plus fluorite line in this experiment 6 days after boiling 
would yield points that fell on the supersaturated side of the fluorapatite 
plus fluorite line if allowed to equilibrate at 25° C. for a long time. An 
experiment was conducted to investigate this possibility and the results 
will be reported later. 
The discussion in the above paragraph suggests another possible 
explanation for the difference between the solubility observed for the 
North Carolina phosphate rock and the solubilities observed for the other 
phosphate rocks. Perhaps the North Carolina phosphate rock formed a well-
crystallized fluorapatite during boiling. However, the substances foreign 
to fluorapatite that reacted with fluorapatite causing it to exhibit a 
high solubility reacted with it faster than in the other phosphate rocks 
because of a higher concentration of the interfering substances or because 
of properties of the phosphate rock such as surface area. The faster 
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reaction could cause the North Carolina phosphate rock to be supersaturated 
with respect to fluorapatite after 6 days at 25° C. while the other phos­
phate rocks were not. An experiment was later conducted to determine if a 
hypobromite treated sample of the North Carolina phosphate rock and Tunis 
and Morocco phosphate rocks yielded points on the fluorapatite plus 
fluorite line when aliquots were removed from the systems as soon as they 
reached 25° C. after boiling. This experiment will be discussed later. 
Solubility of Hydroxylapatite, Quebec Apatite, and 
Some Phosphate Rocks in the Presence of Fluorite at 25° C. 
Introduction 
The preceding experiment indicated that in the presence of fluorite 
some phosphate rocks exhibit the solubility of fluorapatite at 25° C. 
after having been boiled. The objective of this experiment was to determine 
the solubility of some naturally occurring apatites in the presence of 
fluorite in solutions never heated above 25° C. 
Procedure 
Hydroxylapatite plus fluorite was used as a check in the experiment. 
The other apatites used were Florida phosphate rock No. 2, Ruhm's phos­
phate rock, Morocco phosphate rock, Tunis phosphate rock, and the Quebec 
apatite. The solid to solution ratios used were 0.1 or 1.0 g. of the 
apatite bearing constituent per 100 ml. of solution. All the systems 
received 0.1 g. of fluorite per 100 ml. of solution. All the solutions 
added were 0.001 M in mercuric chloride. 
The systems were equilibrated in the large equilibration cells. The 
solutions added to the side of the cell containing the solid were 
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saturated with fluorite and had been adjusted to a pH of 2, 4, or 6.9 
with hydrochloric acid. The solutions added to the other side of the mem­
brane contained only mercuric chloride. The equilibration time was either 
71 or 72 days. 
Results and discussion 
The results are given in Tables 16 through 21 and in Figures 11 
through 16. The results for the hydroxylapatite plus fluorite systems, 
given in Table 16 and Figure 11, show that their solubility in relation 
to fluorapatite is slightly lower than that found in a similar experiment 
given in Part I of this thesis. However, the differences between the ion 
activity products for fluorapatite obtained in this experiment and those 
obtained in the previous experiment are small, and both experiments gave 
values of the ion activity product of fluorapatite near the value of 
10 given by Lindsay and Moreno (1960) and greater than the value of 
10 ^^0.86 by Farr and Elmore (1962). It appears that fluorapatite 
was formed and was controlling the solubility at the time of measurement 
in both this experiment and the similar experiment given in Part I. 
The results obtained with the Florida phosphate rock No. 2 plus 
fluorite systems, given in Table 17 and Figure 12, suggest that the 
systems at the low solid to solution ratio were near equilibrium with 
fluorapatite plus fluorite and that the systems at the high solid to 
solution ratio were supersaturated in relation to fluorapatite plus 
fluorite. The fact that the systems at the high solid to solution ratio 
were supersaturated in relation to fluorapatite plus fluorite, and the 
fact that systems at the same solid to solution ratio appeared to be at 
equilibrium with fluorapatite plus fluorite after boiling and equilibration 
Table 16. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions equilibrated for 72 days at 
25° C. with a solid phase initially consisting of hydroxylapatite and fluorite. 
Hydroxylapatite 
to solution 
ratio, 
g./lOO ml. pH p[Ca] p[P] pCa pHgPO* PHPO4 PPO4 
pH -
1/2 pCa 
pHgPO^ + 
1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^ 
10 pCa + 
2 pF + 
6 pPO^A 
0.1 4.10 2.460 2.709 2.658 2.775 5.875 14.10 2.771 4.104 130.9 118.3 
0.1 4.11 2.476 2.713 2.671 2.778 5.868 14.08 2.774 4.114 131.0 118.3 
1.0 4.17 2.487 2.813 2.680 2.877 5.907 14.06 2.830 4.217 130.8 118.3 
1.0 4.18 2.503 2.818 2.693 2.881 5.901 14.04 2.833 4.228 130.8 118.3 
0.1 4.79 3.128 3.460 3.258 4.399 5.909 13.44 3.161 5.128 131.6 119.8 
0.1 4.79 3.152 3.500 3.281 3.539 5.949 13.48 3.150 5.179 132.1 120.2 
1.0 4.84 3.109 3.500 3.240 3.540 5,900 13.38 3.220 5.160 131.0 119.2 
1.0 4.80 3.061 3.478 3.195 3.519 5.919 13.44 3.203 5.117 131.0 119.2 
0.1 5.38 3.516 4.213 3.629 4.252 6.072 13.01 3.565 6.067 131.6 120.5 
0.1 5.40 3.497 4.125 3.612 4.165 5.965 12.88 3.594 5.971 130.6 119.6 
1.0 5.19 3.401 3.813 3.519 3.851 5.861 12.99 3.431 5.611 130.8 119.4 
1.0 5.17 3.371 3.809 3.490 3.847 5.877 13.03 3.425 5.592 130.7 119.4 
*pCa + 2 pF assumed equal to 9.84 
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Figure 11. Solubilities exhibited by solutions after 72 days of equili­
bration at 25° C. with a solid phase initially consisting of 
hydroxylapatite and fluorite. 
Table 17. Ionic concentrations, ionic activities, lime and phosphate potentials, and Ion activity 
products for hydroxylapatite and fluorapatlte In solutions equilibrated for 72 days at 
25° C. with Florida phosphate rock No. 2 plus fluorlte. 
Phosphate rock 
to solution u p„ , 10 pCa + 10 pCa + 
ratio, pH - 2 4 2 pOH + 2 pF + 
g./lOO ml. pH p[Ca] p[P] p[SO^] pCa pHgPO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 6 pPO^* 
0.1 4.17 2.501 2.836 4.128 2.692 2.900 5.930 14.08 2.824 4.246 131.0 118.5 
0.1 4.20 2.494 2.824 4.042 2.686 2.888 5.888 14.01 2.857 4.231 130.5 118.0 
1.0 4.47 2.525 2.911 3.990 2.712 2.972 5.702 13.55 3.114 4.328 127.5 115.5 
1.0 4.52 2.516 2.911 4.036 2.704 2.973 2.653 13.45 3.168 4.325 126.7 114.8 
0.1 5.02 3.097 3.556 4.524 3.229 3.598 5.778 13.08 3.406 5.212 128.7 117.3 
0.1 5.00 3.083 3.542 4.461 3.216 3.584 5.784 13.10 3.392 5.192 128.8 117.4 
1.0 5.27 3.138 3.730 4.338 3.268 3.774 5.704 12.75 3.636 5.408 126.7 115.7 
1.0 5.36 3.155 3.772 4.261 3.284 3.817 5.657 12.62 3.718 5.459 125.8 115.0 
0.1 5.80 3.507 4.432 4.563 3.621 4.488 5.888 12.41 3.989 6.299 127.1 116.8 
0.1 5.72 3.460 4.305 >5.607 3.575 4.355 5.835 12.44 3.932 6.143 126.9 116.6 
1.0 6.08 3.425 4.490 4.205 3.542 4.564 5.684 11.92 4.309 0.335 1 2 2 . 8  1 1 3 . 2  
1.0 5.96 3.340 4.335 4.094 3.460 4.401 5.641 12.00 4.230 6.131 122.7 112.9 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 12. Solubilities exhibited in solutions equilibrated for 72 days 
at 25 C. with Florida 2 phosphate rock plus fluorite. 
Table 18. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions equilibrated for 72 days at 
25° C. with Ruhm's phosphate rock plus fluorite. 
Phosphate rock 
to solution H pn + pCa + 10 pCa + 
ratio, pH - ^ 2 4 2 pOH + 2 pF + 
g./lOO ml, pH p[Ca] p[P] p[SO^] pCa pHgPO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 6 pPO^* 
0.1 3 .52 2.555 2.925 4 149 2.738 2.997 6.677 15 .48 2.151 4.366 141.2 127 .3 
0.1 3 .52 2.561 2.929 4.149 2.743 2.996 5.676 15 .48 2.149 4.368 141.2 127 .3 
1.0 4 .38 2.543 2.991 3.390 2.727 3.052 5.872 13 .81 3.016 4.415 129.4 117 .2 
1.0 4 .33 2.549 2.991 3.424 2.732 3.051 5.921 13 .91 2.964 4.417 130.1 117 .8 
0.1 4 .61 3.041 3.515 3.522 3.177 3.556 6.146 13 .86 3.022 5.144 133.7 121 .5 
0.1 4 .63 3.146 3.612 4.461 3.275 3.651 6.221 13 .91 2.993 5.288 135.0 122 .7 
1.0 4 .90 3.044 3.900 3.457 3.178 3.943 6.243 13 . 66 3.311 5.532 132.0 120 .4 
1.0 4 .98 3.074 3.646 3.441 3.207 3.688 5.908 13 .25 3.377 5.291 129.6 118 .1 
0.1 5 .30 3.456 4.246 4.400 3.572 4.285 6.185 13 .20 3.514 6.070 132.3 121 .2 
0.1 5 .56 3.545 4.465 4.351 3.657 4.508 6.148 12 .91 3.731 6.337 130.9 120 .2 
1.0 5 .50 3.254 4.316 3.463 3.377 4.363 6.063 12 .88 3.811 6.051 128.1 117 .5 
1.0 5 . 60 3.198 4.221 3.359 3.324 4.271 5.871 12 .59 3.938 5,933 125.6 115 .3 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 13. Solubilities exhibited by solutions equilibrated for 72 days 
at 25° C. with Ruhm's phosphate rock plus fluorite. 
Table 19. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatlte in solutions equilibrated for 71 days at 
25° C. with Morocco phosphate rock plus fluorite. 
Phosphate rock 
to solution 
ratio, 
g./lOO ml. pH p[Ca] p[P] p[SO^] pCa PHgPO^ pHPO^ 
pH -
pPO^ 1/2 pCa 
PH^PO^ 
1/2 pCa 
10 pCa + 10 pCa + 
I 
0.1 4.49 2.524 2.960 4.109 2.711 3.021 5.731 13.56 3.135 4.377 127.5 115.6 
0.1 4.45 2.548 2.950 3.991 2.732 3.010 5.760 13.63 3.084 4.376 128.2 116.2 
1.0 6.90 2.583 6.527 4.261 2.759 6.897 7.197 12.62 5.521 8.276 117.5 110.3 
1.0 6.82 2.593 6.527 4.249 2.768 6.855 7.235 12.74 5.436 8.239 118.4 111.1 
0.1 6.89 3.014 6.659 4.734 3.150 6.948 7.258 12.69 5.315 8.523 121.8 114.3 
0.1 5.56 3.138 4.291 4.364 3.266 4.342 5.982 12.74 3.927 5.976 126.0 115.6 
1.0 7.96 2.769 >6.889 — — 
1.0 7.88 2.801 >6.889 — 
0.1 6.36 3.294 5.614 4.834 3.415 5.728 6.568 12.53 4.653 7.435 124.6 115.7 
0.1 6.60 3.109 6.151 4.476 3.240 6.328 6.928 12.65 4.980 7.948 123.1 114.8 
1.0 7.99 2.889 >6.889 — 
1.0 7.96 2.900 >6.889 — 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 14. Solubilities exhibited by solutions equilibrated for 71 days 
at 25° C. with Morocco phosphate rock plus fluorite. 
Table 20. lor.ic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions equilibrated for 71 days at 
25° C. with Tunis phosphate rock plus fluorite. 
Phosphate rock 
to solution 
ratio, 
g./lOO ml. pH p[Ca] p[P] p[so^] pCa pH^PO^ pHPO^ pPO^ 
pH -
1/2 pCa 
pHgPO^ + 
1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^ 
10 pCa + 
2 pF + 
6 pPO^* 
0.1 4.56 2.533 2.980 3.784 2.718 3.041 5.681 13.14 3.201 4.400 126.7 114.9 
0.1 4.57 2.541 2.981 3.784 2.725 3.042 5.672 13.42 3.207 4.405 126.6 114.8 
1.0 7.48 2.508 >6.889 — — 
1.0 7.49 2.526 >6.889 — — —  
0.1 6.21 3.152 5.023 4.149 3.280 5.120 6.110 12.22 4.570 6.760 121.7 112.6 
0.1 6.00 3.133 4.682 4.132 3.262 4.758 5.958 12.28 4.369 6.389 122.3 112.8 
1.0 7.99 2.752 >6.889 — — — — 
1.0 8.02 2.744 >6.889 — — — — — 
0.1 7.02 3.191 6.078 4.117 3.316 6.408 6.588 11.89 5.362 8.066 118.4 111.0 
0.1 6.99 3.198 6.020 4.157 3.232 6.335 6.545 11.88 5.328 7.997 118.5 111.0 
1.0 8.10 2.821 >6.889 — — —  —  — — — 
1.0 8.01 2.821 >6.889 — —  — —  '— 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 15. Solubilities exhibited by solutions equilibrated for 71 days 
at 25 C. with Tunis phosphate rock plus fluorite. 
Table 21. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatlte and fluorapatite in solutions equilibrated for 71 days at 
25° C. with Quebec apatite plus fluorite. 
Apatite to 
solution 
ratio, 
g./lOO ml. pH p[Ca] p[P] p[SO^] pCa PHgPO^ pHPO^ PPO4 
pH -
1/2 pCa 
PH2PO4 + 
1/2 pCa 
10 pCa + 
2 pOH + 
6 pPO^ 
10 pCa + 
2 pF + 
6 PPO4* 
0.1 3.75 2.531 2.816 4.796 2.717 2.883 6.333 14.90 2.391 4.241 137.1 123.7 
0.1 3.74 2.527 2.825 4.796 2.714 2.892 6.352 14.93 2.383 4.249 137.2 123.8 
1.0 5.21 2.604 3.872 4.796 2.778 3.935 5.925 13.04 3.821 5.324 123.6 113.0 
1.0 5.30 2.613 3.916 4.796 2.786 3.981 5.881 12.90 3.907 5.374 122.7 112.3 
0.1 4.90 3.263 4.207 5.607 3.385 4.245 6.545 13.96 3.207 5.938 135.8 124.0 
0,1 4.84 3.266 4.169 5.306 3.388 4.206 6.556 14.03 3.156 5.900 136.3 124.4 
1.0 7.91 2.798 — 
1.0 7.91 2.798 ' — ' — — 
0.1 6.34 3.398 6.086 >5.607 3.515 6,193 7.053 13.03 4.582 7.951 128.7 119.6 
0.1 6.30 3.442 6.142 >5.607 3.558 6.241 7.141 13.16 4.521 8.020 129.9 120.8 
1.0 7.97 2.774 — — — — 
1.0 8.01 2.889 — — — — — — 
. *pCa + 2 pF assumed equal to 9.84. 
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Figure 16. Solubilities exhibited by solutions equilibrated for 71 days 
at 25° C. with Quebec apatite plus fluorite. 
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at 25° C. in the preceding experiment, suggest that the apatite constituent 
of Florida phosphate rock No. 2 was not a well crystallized fluorapatite 
and that such an apatite did not form during equilibration at 25° C. 
whereas a well crystallized fluorapatite did form at the boiling tempera­
ture in the preceding experiment. On the other hand, Florida phosphate 
rock No. 2 was allowed to equilibrate with a solution for only 6 days at 
25° C. after boiling in the preceding experiment. If the systems had been 
allowed to equilibrate for 72 days at 25° C., as were the systems in this 
experiment, they might have exhibited solubilities greater than fluor­
apatite plus fluorite as did the systems at the same solid to solution 
ratio in this experiment. As was mentioned previously, an experiment was 
conducted to investigate this possibility, and the results will be 
reported later. 
The results obtained with the Ruhm's phosphate rock plus fluorite 
systems, given in Table 18 and Figure 13, indicate that the systems with 
the low solid to solution ratio were unsaturated in relation to fluor­
apatite plus fluorite. The systems at the high solid to solution ratio 
in general exhibited solubilities near the solubility of fluorapatite plus 
fluorite. In the preceding experiments a system containing Ruhm's phos­
phate rock at a solid to solution ratio of 1.0 g./lOO ml. exhibited the 
solubility of fluorapatite plus fluorite after being boiled in the pre­
sence of fluorite and equilibrated for 6 days at 25° C. If one assumes 
that the systems at the low solid to solution ratio in this experiment 
were unsaturated merely because they had not reached equilibrium, then, 
on the basis of the results of the preceding experiment and the results 
obtained with the system with the high solid to solution ratio in this 
149 
experiment, there is evidence that acid solutions in contact with Ruhm's 
phosphate rock and fluorite will exhibit the ion activity product of 
fluorapatite at equilibrium at 25° C. However, the solubility of these 
systems might increase with time. Therefore, it cannot be said from these 
experiments that Ruhm's phosphate rock in the presence of fluorite will 
exhibit the solubility of fluorapatite at equilibrium at 25° C. 
The results obtained with the Morocco phosphate rock plus fluorite 
systems, given in Table 19 and Figure 14, indicate that all the systems 
in which the phosphorus concentrations were high enough to measure were 
supersaturated in relation to fluorapatite plus fluorite. In four of the 
systems the final pOH and p[Ca] values were relatively small, and the 
phosphorus concentrations were too low to be measured with the Murphy and 
Riley method. 
The results obtained with the Tunis phosphate rock plus fluorite 
systems, given in Table 20 and Figure 15, are similar to the results 
obtained for the Morocco phosphate rock plus fluorite systems. The phos­
phorus concentrations in all the systems containing 1.0 g. of Tunis 
phosphate rock per 100 ml. of solution were too low to be measured with 
the Murphy and Riley method. 
The results obtained with the Quebec apatite, given in Table 21 and 
Figure 16, indicate that the systems at the low solid to solution ratio 
were unsaturated in relation to fluorapatite plus fluorite. The systems 
at the high solid to solution ratio for which phosphorus concentrations 
were obtained were supersaturated in relation to fluorapatite plus fluorite. 
The phosphorus concentrations could not be obtained for the systems with 
high pH values and the high solid to solution ratio because of an unknown 
150a 
white precipitate that formed when the color developing reagents were 
added to the aliquots withdrawn for phosphorus analysis. No blue color 
could be detected by the naked eye after addition of the color developing 
reagents to aliquots withdrawn from these systems. The white precipitate 
also interfered with the phosphorus determinations in aliquots removed 
from the duplicate systems with the highest pH values and the low solid 
to solution ratio. However, a blue color was definitely present after 
addition of the color developing reagents. The color faded with time. 
Phosphorus was estimated in these aliquots by taking a colorimeter reading 
at three different times after addition of the color developing reagents 
and taking an average of the three readings. No white precipitate appeared 
to form in aliquots from the other systems containing the Quebec apatite. 
This was probably true because these systems had a lower pH than the 
others, and consequently the aliquots removed for phosphorus, analysis 
were diluted with water prior to making the analyses. 
In Figure 17 are given the results for all the systems that received 
0.1 g. of phosphate rock or Quebec apatite per 100 ml. of solution. The 
solutions in contact with two of the materials, Ruhm's phosphate rock and 
Quebec apatite, were unsaturated in relation to fluorapatite according to 
the solubility product constant given by Lindsay and Moreno (1960) after 
over 10 weeks of equilibration. Nine of the twelve solutions were unsatur­
ated in relation to fluorapatite according to the solubility product 
constant given by Farr and Elmore (1962). The Quebec apatite was not 
ground to a fine mesh size; therefore, the fact that the solutions were 
unsaturated in relation to fluorapatite could be due in part to slow 
dissolution resulting from failure to grind it to a fine mesh size. 
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Figure 17. Solubilities exhibited by five naturally occurring apatites 
equilibrated au a solid to solution ratio of 0.1 g./lOO ml. 
for 71 or 72 days at 25° C. 
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Ruhm's phosphate rock, however, was the most finely ground of all the 
samples tested, and it still was unsaturated in relation to fluorapatite. 
The other three phosphate rocks used in this experiment exhibited 
solubilities greater than the solubility of fluorapatite plus fluorite. 
The important thing to know about the solubilities observed is whether 
they are due to ions other than the constituent ions of hydroxylapatite 
and fluorapatite, to other accessory substances, or to the nature of the 
apatitic constituent of the phosphate rocks prior to addition of solu­
tions. If the differences are due to the nature of the apatite originally 
present in the samples, the ion activity products for fluorapatite could 
provide information on the phosphorus supplying power of the apatite in 
acid solutions. If the differences are due to the presence of other ions 
or accessory substances that react with fluorapatite to increase its ion 
activity product, the equilibrium ion activity product for fluorapatite 
would be a function of the responsible ions or accessory substances and 
their concentrations. Differences in solubility due to other ions or 
accessory substances could provide misleading information about the 
ability of the phosphate rock to supply phosphorus to plants because in 
soil the phosphate rock would normally be present in such low proportion 
that the substances affecting the solubility of the apatite would probably 
be determined by the soil and not be the phosphate rock. 
The minimum equilibrium solubility that would be expected when 
apatitic phosphate rocks are equilibrated with aqueous solutions at 25° 
C. is the solubility characteristic of fluorapatite. But some of the 
solutions that had been equilibrated with Ruhm's phosphate rock were 
unsaturated with respect to fluorapatite after 72 days, which indicates 
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that the equilibrium solubility still had not been reached. In view of 
the low concentration of phosphate in these solutions and the rapidity of 
sorption of phosphate from solutions by soils and plants, it seems more 
likely that the effectiveness of this phosphate source would be related 
to rate of solution than to equilibrium solubility. The same may be true 
of the other phosphate rocks, which exhibited greater solubilities. 
Solubility of Some Phosphate Rocks and Quebec Apatite 
in Dilute Hydrochloric Acid Solutions after Boiling followed by 
Equilibration at 25° C. for 20 or 138 Days 
Introduction 
In the third experiment in this part of the thesis, three of the four 
phosphate rocks examined exhibited the solubility of fluorapatite after 
they had been boiled in the presence of fluorite and then equilibrated at 
25° C. for 6 days. One objective of this experiment was to determine if 
the solubility of these phosphate rocks remained similar to that of fluor­
apatite after a long period of equilibration at 25° C. 
The reasoning was that if the property of certain phosphate rocks to 
have a solubility higher than that of fluorapatite is a consequence of 
reaction of ions or other substances foreign to hydroxylapatite and fluor­
apatite with the fluorapatite present in the phosphate rocks, phosphate 
rocks that give an ion activity product for fluorapatite plus fluorite 
shortly after boiling should eventually become supersaturated with respect 
to fluorapatite plus fluorite. The solution in equilibrium with hydroxyl-
apatite plus fluorite, similarly treated, however, should remain at 
equilibrium with fluorapatite plus fluorite because it does not contain 
153 
the foreign ions or other substances. 
In the third experiment mentioned in the preceding paragraph, the 
North Carolina phosphate rock did not exhibit the solubility of fluorapa-
tite after having been boiled in the presence of fluorite. This sample of 
phosphate rock appeared to contain more organic matter than the other 
phosphate rocks. It was thought that an interaction of the organic matter 
with the apatitic constituent of the phosphate rock or ions in solution 
might have been responsible for the failure of the North Carolina sample 
to exhibit the solubility of fluorapatite. Therefore, another objective 
was to remove the organic matter from a sample of the North Carolina phos­
phate rock, boil the sample in the presence of fluorite, and then compare 
its solubility with the solubility of the untreated sample. 
Quebec apatite, Morocco phosphate rock, and Tunis phosphate rock were 
used in the fourth experiment in which the samples were equilibrated with 
fluorite at 25° C. These apatites failed to exhibit the solubility of 
fluorapatite. Another objective of this experiment was to determine the 
solubility of these materials in the presence of fluorite after systems 
containing the materials and fluorite had been boiled and allowed to 
equilibrate for a few days at 25° C. 
Procedure 
The experiment consisted of two parts. In the first part aliquots 
were again removed from the systems from which aliquots had been removed 
for the third experiment. The systems had been at 25° C. for 132 days 
after removal of the first aliquots when the aliquots for this experiment 
were removed. The systems were not shaken after removal of the first 
aliquots. 
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In the second part of the experiment a sample of the North Carolina 
phosphate rock from which the organic matter had been removed by Bremner's 
(1965) potassium hypobromite method was boiled for 24 hours in dilute 
hydrochloric acid. A Liebig condenser was used to reduce evaporation 
during boiling. After boiling, the sample was equilibrated for 20 days 
at 25° C. The sample was shaken on a wrist action shaker during part of 
the equilibration period. The quantities of solids added per 100 ml. of 
solution in this experiment were 0.67 g. of phosphate rock and 0.25 g. of 
fluorite. 
The Quebec apatite, Morocco phosphate rock, and Tunis phosphate rock 
were also boiled in dilute hydrochloric acid for 24 hours. Again a Liebig 
condenser was used to reduce evaporation during boiling. After boiling, 
the systems were equilibrated for 20 days at 25° C. During part of the 
equilibration period the systems were shaken on a wrist action shaker. 
One g. of the apatite constituent and 0.25 g. of fluorite were added per 
100 ml. of solution. 
Results and discussion 
The results of the first part of the experiment (Table 22 and Figure 
18) indicate that the phosphate rocks that exhibited the solubility of 
fluorapatite 6 days after boiling exhibited a solubility greater than 
fluorapatite when allowed to equilibrate for a longer time. The systems 
that initially contained hydroxylapatite plus fluorite exhibited the same 
solubility after 132 days as after 6 days. These results verify the 
hypothesis that some ion, ions, or other substances foreign to hydroxyl-
apatite and fluorapatite but present in phosphate rocks react with the 
fluorapatite at 25° C. and cause it to yield an ion activity product higher 
Table 22. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions that were boiled in the 
presence of some apatites ar.d fluorlte and then equilibrated for 132 days at 25° C. 
pH PO + + 10 pCa + 
pH - P"2 4 2 pOH + 2 pF + 
Apatite added pH p[Ca] p[P] pCa pH^PO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 6 pPO^* 
Hydroxylapatite 3.88 2.266 2.691 2.493 2.773 6.093 14.53 2.634 4.020 132.4 119.4 
Florida phos. 
rock No. 1 4.09 2.233 2.646 2.466 2.729 5.839 14.07 2.857 3.962 128.9 116.4 
Florida phos. 
rock No. 2 4.12 2.244 2.596 2.476 2.677 5.757 13.96 2.882 3.915 128.3 115.8 
Ruhm's phos. 
rock 
(Tennessee brown) 4.09 1.857 2.652 2.165 2.773 5.883 14.11 3.007 3.855 12' 1 114.0 
North Carolina 
phos. rock 5.39 2.358 4.814 2.565 4.900 6.710 13.64 4.107 6.182 124.7 114.7 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 18. Solubility of phosphate rocks in the presence of fluorite at 
25° C. as. measured 6 and 132 days after the systems had 
been boiled. 
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than that of fluorapatite. Apparently the reaction or reactions do not take 
place at the boiling temperature of dilute aqueous solutions in contact 
with phosphate rocks. 
In the preceding experiment, Tunis phosphate rock exhibited the 
largest ion activity product for fluorapatite at the solid to solution 
ratio of 0.1 g./lOO ml. of any of the apatite bearing materials investi­
gated (Figure 17). At pH = 6 and pCa = 2, the value of 10 pCa + 2 pOH + 
6 pPO^ for the Tunis sample at the low solid to solution ratio would be 
approximately 120 (Figure 17). At this pH, almost all the phosphorus 
would be present as H_P0. . The value of a„ in solutions in equili-
2 4 
brium with the Tunis sample would be 3.16 x 10~7 The value of a„ 
lU 2 4 
in solutions in equilibrium with fluorapatite (using Kgp = 118.4 from 
Lindsay and Moreno, 1960) under the above mentioned conditions would be 
-8 2.51 X 10 M. In other words, the concentration of the phosphorus in 
equilibrium with Tunis phosphate rock would be 12.6 times as great as 
that in equilibrium with fluorapatite. 
To judge from the results obtained in this experiment, part, and 
possibly all, of the difference between the Tunis phosphate rock and 
fluorapatite discussed in the preceding paragraph was due to an ion, ions, 
or other accessory substances present in the Tunis sample. Because of the 
apparent effect of substances foreign to fluorapatite or hydroxylapatite 
on the equilibrium ion activity product for fluorapatite in solutions 
equilibrated with phosphate rocks, it is unlikely that ion activity 
products for fluorapatite obtained from solutions in equilibrium with 
phosphate rocks are directly related to the capabilities of the different 
phosphate rocks to supply phosphorus to plants. 
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Experiments with synthetic carbonate-apatite would indicate if an 
acid solution in contact with a solid phase initially consisting of a 
carbonate-apatite and fluorite would exhibit the solubility of a well-
crystallized fluorapatite after equilibration at 25° C, These experiments 
would provide information as to whether the apatitic constituent of 
phosphate rocks in the presence of an acid solution and fluorite would 
proceed to a well-crystallized fluorapatite at 25° C. in the absence of 
interfering substances. 
It would be of value to determine the ion activity product of fluor­
apatite exhibited by an acid solution in contact with a solid phase 
initially consisting of synthetic carbonate-apatite and fluorite as a 
function of time. It is doubtful that an adequate experiment to determine 
the ion activity product as a function of time could be conducted using 
fluorite to restrict fluoride activity. Possibly the experiments could be 
conducted using a fluoride electrode. 
The results for the second part of the experiment (Table 23 and Figure 
19) show that the hypobromite treated North Carolina phosphate rock behaved 
similarly to the untreated sample tested previously. Apparently the 
solubility higher than that of fluorapatite is not a consequence of the 
interation of the organic matter with apatite in the North Carolina sample 
or with ions in solution. 
The Morocco and Tunis phosphate rocks exhibited solubilities similar 
to the solubilities of the same phosphate rocks in systems that were not 
boiled (experiment 4). In none of the experiments did solutions in contact 
with Morocco, Tunis, or North Carolina phosphate rock exhibit the solubility 
product constant for fluorapatite. All the solutions were supersaturated 
Table 23. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions that were boiled in the 
presence of fluorite and then equilibrated for 20 days at 25° C. 
pH PO + + 10 PCa + 
pH - P"2^^4 2 pOH + 2 pF + 
Apatite added pH p(Ca) p(P) pCa pH^PO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 6 pPO^* 
North Carolina 
phos. rock 
(hypobromite 
treated) 
Quebec 
Morocco 
phos. rock 
Tunis 
phos. rock 
4.72 2.311 3.396 2.527 3.472 5.952 13.55 3.457 4.736 125.1 113.8 
3.72 2.250 2.697 2.442 2.787 6.267 14.87 2.499 4.008 134.2 121.0 
5.71 1.749 5.981 2.079 6.175 7.665 14.28 4.671 7.214 123.0 114.2 
6.29 1.743 6.627 2.074 6.963 7.783 13.90 5.253 7.999 119.6 111.9 
*pCa + 2 pF assumed equal to 9.84. 
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Figure 19. Solubility of four apatites in dilute hydrochloric acid 
solutions in the presence of fluorite after boiling and 
then equilibrating for 20 days at 25° C. 
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in relation to fluorapatite. Sulfate was not present in large enough 
quantities in the nonboiled Tunis and Morocco systems to affect appreciably 
the activity of calcium in solutions in contact with them. The sulfate 
concentration was too low to be of significance in the boiled North Carolina 
system in experiment 3. Because of the low sulfate concentrations and the 
finding that organic matter removal did not influence appreciably the 
solubility of the North Carolina sample, it does not seem likely that the 
calculated ion activity products were invalidated by the presence of 
soluble complexes. 
However, a likely explanation for the solubility behavior of the 
Tunis, Morocco, and North Carolina phosphate rocks is that substances 
capable of reacting with fluorapatite at 25° C. and increasing its ion 
activity product reacted with fluorapatite in these phosphate rocks at a 
faster rate than with the other phosphate rocks. Another experiment was 
conducted to determine if solutions in contact with these phosphate rocks 
exhibited the ion activity product of fluorapatite when analyses were made 
on the solutions as soon as they reached 25° C. after boiling. 
A small amount of 0.5 N hydrochloric acid was added to the North 
Carolina system used in experiment 3 and the Tunis, Morocco, and hypo-
bromite treated North Carolina systems used in this experiment. The acid 
was added merely to lower the pH values enough to make the phosphorus 
concentrations easier to measure. The pH values obtained varied from 2.70 
to 3.36. The systems were boiled again for 24 hours in the manner described 
previously. Immediately after boiling, the systems were moved to a room 
at 25° C. and shaken on a wrist action shaker until their temperature 
reached 25° C. Four hours were required for their temperatures to reach 
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25° C. As soon as their temperature reached 25° C., measurements were 
made on the solutions from which ion activity products for fluorapatite 
-125 
were calculated. The ion activity products (approximately 10 ) 
obtained were considerably less than the solubility product constant for 
fluorapatite. One explanation of these results is that the solutions 
were supersaturated with respect to fluorite when aliquots were removed 
whereas they were at or near equilibrium with fluorapatite. 
More experiments will have to be conducted to determine if solutions 
in contact with these phosphate rocks will exhibit the solubility of 
fluorapatite after boiling and short periods of equilibration at 25° C. 
It is possible that the interfering substances react with fluorapatite in 
these phosphate rocks at a fast enough rate at 25° C. that the ion activity 
products exhibited by solutions in contact with the phosphate rocks will 
agree with the solubility product constant of fluorapatite for only a very 
short time. 
The Quebec apatite exhibited an ion activity product for fluorapatite 
of 10 This value is lower than the value obtained for the fluor­
apatite formed from hydroxylapatite and fluorite. The value is close, 
however, to the value of 10 ^^0-86 by Farr and Elmore (1962) for 
fluorapatite. Taking into account the possible contribution of experimental 
error that can be expected from one set of measurements on one system, it 
is probable that the calcium, hydrogen, and orthophosphate ion activities 
were restricted by the solubility product constant of a well-crystallized 
fluorapatite. 
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Solubility of Hydroxylapatite plus Fluorite in the 
Presence of Soil Organic Matter 
Introduction 
The fourth experiment in this part of the thesis and the second 
experiment in the first part of the thesis showed that solutions in contact 
with a solid phase that initially consisted of hydroxylapatite and fluorite 
exhibited the solubility of fluorapatite at equilibrium at 25° C. The 
preceding experiment suggested that if substances that are present in 
phosphate rocks had been present in the systems the solubility exhibited 
would have been greater than that of fluorapatite. The objective of this 
experiment was to investigate the effect of soil organic matter upon the 
solubility exhibited by systems initially containing a solid phase con­
sisting of hydroxylapatite and fluorite. 
Procedure 
The small equilibration cells were used. One g. of hydroxylapatite 
and 0.1 g. of fluorite were added to one side of the membrane. To the side 
of the membrane containing the solid, 50 ml. of an extract from an unnamed 
peat soil (F2957) were added. The extract was made 0.001 M in mercuric 
chloride prior to the addition. To the other side of the membrane, 50 ml. 
of 0.001 M mercuric chloride were added. Duplicate systems were prepared, 
and the equilibration period was 96 days. 
The organic matter extract was obtained as follows. Ten g. of < 40 
mesh soil were shaken with 2 g. of sodium-saturated Amberlite IRC-50 
exchange resin and 75 ml. of water for 2 hours. The liquid was then 
decanted into 50 ml. centrifuge tubes and centrifuged on an angle-head 
Servall centrifuge at top speed for 25 minutes. The supernatant liquid was 
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then filtered under 2 atm. pressure using the pressure filters. A total 
of 320 g. of the soil were treated in this manner, and the extract 
obtained was poured into a 2 1. volumetric flask, mercuric chloride was 
added, and the contents were diluted to volume. 
One hundred ml. of the extract were dried at 105° C., and the residue 
weighed 0.1426 g. Another 100 ml. of extract were dried at 105° C. and 
asked at 550° C. The residue remaining after ashing weighed 0.0555 g. 
Results and discussion 
The results are given in Table 24. Most of the organic matter 
appeared to be adsorbed by the solid. The solution on the side of the 
membrane opposite the solid was colorless to the naked eye at the time of 
measurement, which suggested that it contained little organic matter. 
Sulfate was estimated in the solutions, but the concentrations were too 
low to complex a significant amount of the calcium. 
The negative logarithms of the ion activity product for fluorapatite 
given in Table 24 are much smaller than those obtained from similar systems 
not containing organic matter in previous experiments. This observation 
indicates that some constituent or constituents of the soil extract inhi­
bited the formation of a well crystallized fluorapatite that exhibited a 
constant ion activity product for fluorapatite. The implication of this 
finding is that the ion activity product for fluorapatite exhibited by an 
apatite-containing material in the presence of fluorite may be affected by 
extraneous constituents of the nature of those found in soils. 
However, one cannot eliminate the possibility that the results 
obtained were due to the presence of materials that form soluble complexes 
Table 24. Ionic concentrations, ionic activities, lime and phosphate potentials, and ion activity 
products for hydroxylapatite and fluorapatite in solutions equilibrated for 96 days at 
25° C. in the presence of soil organic matter and a solid phase initially consisting of 
hydroxylapatite and fluorite. 
^ 1 pOH + '2 pfV 
pH p[Ca] p[P] pCa pHgPO^ pHPO^ pPO^ 1/2 pCa 1/2 pCa 6 pPO^ 6 pPO^* 
6.19 3.833 3.454 3.946 3.533 4.543 10.67 4.217 5.506 119.1 109.4 
6.37 4.019 3.544 4.131 3.644 4.474 10.42 4.305, 5.710 119.1 109.6 
*pCa + 2 pF assumed equal to 9.84. 
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with calcium and/or phosphorus. Therefore, the effect of known substances 
upon the solubility of fluorapatite needs to be studied. 
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SUMMARY 
Theory based on solubility product constants for fluorapatite and 
hydroxylapatite published by Lindsay and Moreno (1960) indicated that at 
a stable equilibrium at 25° C. the aqueous phase in a system containing 
solid-phase phosphate rock and fluorite should exhibit the solubility 
product constant for fluorapatite at pH values found in soils. Experiments 
were conducted to determine if solutions in contact with phosphate rocks 
at 25° C. exhibited the solubility product constant of fluorapatite or 
an ion activity product for fluorapatite representing an apatite in a 
metastable state in relation to fluorapatite. 
In the first experiment, a Florida phosphate rock was equilibrated 
in distilled water for 419 days. The results indicated that the solubility 
of the apatite constituent did not change between removal of the first 
aliquot after 51 days and the last after 419 days. The solution in 
equilibrium with the phosphate rock yielded points that fell on the super­
saturated side of the fluorapatite plus fluorite line on the solubility 
diagram. 
In the second experiment, suspensions of a Florida phosphate rock 
in dilute hydrochloric acid were boiled in an attempt to convert any 
metastable apatites to fluorapatite. Measurements made a few days after 
boiling on solutions with pH values near 7 gave solubility values corres­
ponding to the solubility of the surface complex postulated by Rootare 
et al. (1962), Measurements made later on the same systems indicated 
solubilities greater than that of the surface complex and greater than that 
of hydroxylapatite as given by Lindsay and Moreno (1960). The ion activity 
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product for hydroxylapatite exhibited by the solution at the lowest pH 
increased with each successive measurement. At the last two measurements 
it was greater than the solubility product constant for hydroxylapatite 
given by Lindsay and Moreno. All the solutions were supersaturated with 
respect to fluorapatite plus fluorite at the time of each measurement. 
It appeared from this experiment that the solubility of the apatite con­
stituent of phosphate rocks would not be restricted over a long period 
of time at 25° C. by a solubility product constant for hydroxylapatite 
or the surface complex regardless of the activity of fluoride in the 
bathing solution. 
In the third experiment, solutions in contact with four phosphate 
rocks and hydroxylapatite were boiled in the presence of fluorite. Three 
of the four phosphate rocks and the system initially containing hydroxyl­
apatite exhibited the solubility of fluorapatite after 6 days of equili­
bration at 25° C. This finding with information obtained in experiment 2 
and by Chaverri (1962), indicated that, at solid to solution ratios 
< 10.0 g./lOO ml., solutions in contact with phosphate rocks are not 
necessarily saturated with fluorite even though most phosphate rocks 
contain more than enough fluorine to combine with all the phosphorus as 
fluorapatite. 
In the fourth experiment, hydroxylapatite, Quebec apatite, and four 
phosphate rocks were equilibrated in the presence of fluorite for 71 or 72 
days at 25° C. The system initially containing hydroxylapatite exhibited 
the solubility product constant for fluorapatite at the time of measurement. 
Solutions equilibrated with 0.1 g. of Ruhm's phosphate rock (< 300 mesh) 
or Quebec apatite per 100 ml. were unsaturated with respect to 
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fluorapatite (pKgp = 10 from Lindsay and Moreno, 1960) at the time 
of measurement. Five of the six solutions equilibrated with 0.1 g. of 
Florida phosphate rock No. 2 were supersaturated with respect to fluor­
apatite. Solutions equilibrated with 0.1 g. of Tunis or Morocco phosphate 
rock exhibited the highest ion activity products for fluorapatite at the 
solid to solution ratio of 0.1 g./lOO ml. and were definitely super­
saturated with fluorapatite. Five of the six solutions equilibrated with 
1.0 g. of Ruhm's phosphate rock per 100 ml. of solution were supersaturated 
with fluorapatite. All the other systems containing 1.0 g. of phosphate 
rock or Quebec apatite per 100 ml. of solution with phosphorus concentra­
tions high enough to measure yielded ion activity products for fluorapatite 
that were greater than the solubility product constant for fluorapatite. 
Solutions in contact with 1.0 g. of phosphate rock or Quebec apatite per 
100 ml. of solution yielded ion activity products for fluorapatite greater 
than those exhibited by solutions in contact with 0.1 g. of the same solid 
per 100 ml. of solution. The behavior observed in this experiment could 
be a consequence of the character of the apatite in the original phosphate 
rock or the presence of ions or other substances foreign to fluorapatite 
and hydroxylapatite that react with fluorapatite and affect its solubility. 
In the first part of the fifth experiment, aliquots were removed from 
the same systems from which aliquots were removed for the third experiment 
132 days after removal of the first aliquots. The system initially con­
taining hydroxylapatite still exhibited the solubility of fluorapatite, as 
it had after 6 days of equilibration at 25° C. The solutions in contact 
with the phosphate rocks that exhibited the solubility product constant 
of fluorapatite after 6 days of equilibration at 25° C. gave ion activity 
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products for fluorapatite that were greater than its solubility product 
constant. This finding verifies that the ion activity products for 
fluorapatite measured in phosphate rock systems are affected at 25° C. by 
ions or other substances foreign to fluorapatite and hydroxylapatite. 
Differences observed in experiment 4 among the ion activity products for 
fluorapatite from solutions supersaturated with respect to fluorapatite 
and in contact with different phosphate rocks and fluorite could be due 
entirely to these interfering substances. 
In the second part of the fifth experiment, a solution was boiled 
with solid-phase fluorite and a North Carolina phosphate rock from which 
organic matter had been removed. The solution exhibited an ion activity 
product for fluorapatite at 25° C. similar to that exhibited in experiment 
3 by a solution that was treated in a similar manner except the organic 
matter was not removed from the phosphate rock. The ion activity product 
in both experiments was greater than the solubility product constant of 
fluorapatite. 
Also in the second part of the fifth experiment, solutions boiled in 
the presence of fluorite and either Tunis or Morocco phosphate rocks 
yielded ion activity products for fluorapatite after 20 days at 25° C. 
that were similar to those yielded by nonboiled solutions equilibrated 
with fluorite and the same phosphate rocks in experiment 4. On the basis 
that (1) Clark's (1955) hydroxylapatite formed at 90° C. from calcium 
hydroxide and orthopohosphoric acid had an ion activity product near that 
of the hydroxylapatite used in this work, (2) the hydroxylapatite used in 
this work reacted with fluoride at 25° C. when placed in contact with 
171 
fluorite and a solution to form a material that exhibited the solubility 
product constant of fluorapatite, and (3) other phosphate rocks used in 
this work evidently contained fluorapatite after being in contact with a 
boiling solution containing fluorite, it is probable that fluorapatite 
formed in the systems containing Tunis, Morocco, or North Carolina phos­
phate rocks and fluorite in contact with boiling solutions. Solutions 
in contact with these phosphate rocks at the solid to solution ratios 
used did not contain enough sulfate to complex a significant amount of 
calcium. Thus, it is unlikely the supersaturated solutions in contact 
with these phosphate rocks were due to soluble complexes. 
Therefore, it is probable that the results obtained with these three 
phosphate rocks were due to ions or other accessory substances that had 
the capability of reacting with the fluorapatite at a much faster rate in 
these phosphate rocks than in the others used. An experiment was conducted 
to determine if solutions in contact with these phosphate rocks and fluorite 
exhibited the solubility of fluorapatite when analyzed as soon as they 
reached 25° C. after boiling. The solutions were found to be unsaturated 
in relation to fluorapatite plus fluorite. More experiments will have 
to be conducted to determine if these phosphate rocks will exhibit the 
solubility of fluorapatite plus fluorite at 25° C. for a significant 
period of time after contact with fluorite and boiling solutions. 
In the sixth experiment, hydroxylapatite and fluorite were equilibrated 
with solutions containing organic matter from a peat soil. The ion activity 
products for fluorapatite calculated from analyses made on the solutions 
were much larger than the value for fluorapatite found in the absence of 
the soil extract. Because at the time of analysis the solid was colored 
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by adsorbed organic matter and the solution upon which analysis were made 
was colorless and low in sulfate, the indications are that estimates of 
ioric activities were not invalidated by formation of soluble complexes 
and that some constituent or constituents in the soil extract inhibited 
formation of a well crystallized fluorapatite. 
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